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ABSTRACT
This dissertation addresses the mechanisms controlling arsenic (As) remobilization and
cycling in the hypolimnion of As-contaminated Upper Mystic Lake (UML; Winchester, MA).
We conducted field and laboratory studies, and applied mass balance, surface complexation, and
thermodynamic modeling to explore As cycling and its links to other elemental cycles (Fe, N,
02) in UML.
Nitrate appears to control iron (Fe) and As cycling in the hypolimion of urban, eutrophic
UML. In doing so, nitrate assumes the role typically taken by oxygen in the cycling of redox-
active metal(loid)s. High nitrate and ammonium inputs, combined with authigenic nitrate
production in the water column (nitrification, consuming 40% of hypolimnetic oxygen), result in
several months per year of anoxic, yet nitrate-rich conditions in the hypolimnion. As expected,
the onset of anoxia triggers Fe and As remobilization from UML's contaminated sediments.
However, despite anoxia, remobilized Fe and As accumulate in the water column primarily in
their oxidized forms (Fe(IlI)-oxides and As(V)). Mass balance estimates indicate that nitrate is
responsible for oxidizing the majority of the iron, which must initially have been remobilized by
reductive dissolution as Fe(II). Microcosm studies confirmed this reaction's feasibility:
anaerobic, biologically mediated Fe(II) oxidation occurred in nitrate-spiked microcosms with
sample obtained from the sediment-water interface.
Shifts in As and Fe redox chemistry toward their reduced forms (Fe(II) and As(III)) were
correlated temporally and spatially with nitrate depletion. Nitrate's presence therefore appears to
favor arsenic's accumulation as particle-reactive As(V) , either by directly oxidizing remobilized
As(III) or indirectly by serving as a more energy-rich electron acceptor and forestalling As(V)
reduction to As(III).
During nitrate-rich periods, greater than 85% of remobilized arsenic was found to be particle-
complexed (de > 0.05 ptm) at representative hypolimnetic depths by in situ filtration. Surface
complexation modeling of As on Fe(III)-oxides accurately predicts As distribution between
particle-complexed and dissolved phases. Thus Fe(III)-oxides appear to scavenge the vast
majority of remobilized As. Through the anaerobic production of particulate Fe(III)-oxides, and
by indirectly or directly causing As to accumulate as particle-reactive As(V), nitrate dominates
remobilized As chemistry, and provides a continued As sink (via settling) during a large portion
of anoxic periods.
Thesis Supervisor: Harold F. Hemond
Title: Professor of Civil and Environmental Engineering and Director, Parsons Laboratory
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Chapter 1 Introduction
1. Orig-ins of arsenic contamination in Upper Mystic Lake
Sulfuric acid and arsenical pesticide production facilities, sited at the headwaters of the
Aberjona River, released hundreds of metric tons of arsenic to the watershed between 1890 and
1930 [Aurilio et al., 1995]. Off-site migration has resulted in elevated arsenic concentrations in
the sediments of waterways throughout the watershed [Knox, 1991; Hemond, 1995]. Roughly
100 kg yr 1 of As continues to be transported along the Aberjona River, the result of sediment
remobilization and a persistent anthropogenic groundwater source [Hemond, 1995; Solo-
Gabrielle and Perkins, 1997].
The 65 km 2 Aberjona Watershed (Figure 1) drains, by way of the Aberjona River, into
Upper Mystic Lake (UML; Winchester, MA; Figure 2). Natural biogeochemical processes (e.g.
As sorption on Fe(III)-oxide and settling in the lake's relative quiescent waters) have resulted in
a 104 kg anthropogenic arsenic reservoir in the lake's sediments. The historic record of As
pollution remains well-preserved, as evidenced by sediment cores from UML's main basin, with
a peak in arsenic concentration (-2000 mg/kg dry weight) coincident with the height of sulfuric
acid production (1920's), and elevated surface sediment concentrations (200 mg/kg) indicating
continued As input to the system and arsenic recycling within the lake [Spliethoff and Hemond,
1996]. Seasonal anoxia in the hypolimnion of this eutrophic, dimictic lake initiates arsenic
remobilization to the water column, prompting considerable study of arsenic in this system
[Aurillio et al., 1994; Spliethoff et al., 1995; Trowbridge, 1995; Newman et al., 1997].
Motivated by questions generated through previous UML investigations [Aurilio et al., 1994;
Spliethoff et al., 1995; Trowbridge, 1995], this dissertation describes a four-year field and
laboratory study aimed at identifying the mechanisms controlling As remobilization and cycling
in UML. Its overarching goal is the development of a conceptual model capable of consistently
and mechanistically explaining arsenic's complex and initially counterintuitive chemistry in this
lake, thereby enabling the transfer of observations to other arsenic contaminated systems. As an
urban, eutrophic, and metal-contaminated lake, the UML is perhaps a widely representative,
system within which to explore As cycling. The early onset of anoxia in the hypolimnion,
brought on by eutrophic conditions, results in several months during which the cycling of
remobilized As can be studied. The apparent unresponsiveness of As redox chemistry to anoxic
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conditions in the water column over the period of many months [Aurilio et al., 1994;
Trowbridge, 1995], along with interannual variability in As redox chemistry [Spliethoff et al.,
1995], argued that important and unaccounted for processes controlled arsenic cycling in this
system.
2. Dissertation Structure
This dissertation is written as a series of interdependent, yet stand-alone, papers intended for
individual publication after streamlining. Chapters 2 through 6, therefore, each have their own
abstract, introduction and motivation, and background information. Chapter 7 provides
conclusions and a discussion of future work.
The remainder of this introductory chapter presents background information on arsenic
cycling in lakes, previous observations in UML, overarching goals of the current study, and an
overview of the goals and findings of individual chapters.
3. Background
3.1 Arsenic cycling in lakes
Toxic and a known carcinogen [IARC, 1980], arsenic currently ranks first in abundance
amongst inorganic pollutants at hazardous waste sites in the U.S. (ATSDR, 2000). The cycling
of the common inorganic, arsenicals arsenate ((H2As(V)04 ) and arsenite (H3As(+"'O 3), is
inextricably linked to the cycling of iron. Amorphous iron oxyhydroxides are abundant in natural
systems, and their surfaces strongly sorb As(V) (Pierce and Moore, 1982; Belzille and Tessier,
1990; Dzombak and Morel, 1991). These surfaces also complex As(III), although less strongly.
The settling of particulate Fe out of solution, and the accumulation of both Fe and As in the
sediments, can therefore act as an important As sink in oxidizing lake systems (Spliethoff and
Hemond, 1996). This sink is only partially effective in lakes with seasonally (or permanently)
anoxic hypolimnia, owing to iron's own redox cycle (Davison, 1993). Shifts in Fe redox state
alter its solubility; dissolved Fe(III)T is maintained at subnanomolar levels by precipitation of
Fe"'(OH) 3 s, while Fe(II) is typically soluble (in the absence of sulfide) up to 100's of
micromolar (Morel and Hering, 1993). Upon stratification, and depletion of oxygen in a lake's
bottom waters, sufficiently reducing conditions develop to initiate dissimilatory Fe(III) reduction
at the sediment-water interface. Iron reduction allows Fe(II)aq and previously sorbed
constituents to diffuse back into the water column (Davison, 1993; Lovley, 1991). If
remobilized Fe(II) encounters a suitable oxidant, it may be subsequently oxidized, forming
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primarily amorphous iron oxides (Davison, 1993; Davison and DeVitre, 1991), and may
scavenge remobilized As. Oxygen is typically cited as the oxidant for Fe(II) in lakes, and Fe(II)
oxidation is generally considered to occur in the vicinity of the oxic/anoxic interface (Balistrieri
et al., 1992; Davison, 1993). Other compounds (Mn('V)0 2 (s), NO3 ) have also been suggested as
potential Fe(II) oxidants in a subset of lake studies in which 02 could not explain the persistence
of Fe(III) in the water column after the onset of anoxia (DeVitre et al., 1988; Davison, 1993;
Belzille et al., 1996).
Pore-water arsenic is present primarily as As(III) in anoxic lake sediments and soils [Aggett
and Kriegman, 1988; Moore et al., 1988; Keon, personal communication], although As(V) does
tend to be present at significant levels despite thermodynamic predictions to the contrary.
Arsenite in sediments may precipitate with reduced Fe or sulfur [e.g. FeAs("1)Ss, As("'1 2S3 s;
Newman et al., 1997] in porewater, or be complexed by organic matter [Thanabalasingam and
Pickering, 1986]. When an oxidizing sediment layer of sufficient thickness is present (e.g. when
overlain by an oxic water column), a portion of upward diffusing As(III) may be trapped by
Fe(III)-oxide sorption [Aggett and O'Brien, 1985]. Additional As(III) can be oxidized to As(V)
by Mn(Iv)0 2 (s) [Oscarson et al., 1982; Scott and Morgan, 1996] or downward diffusing oxygen,
and arsenate's greater affinity for Fe(III)-oxides should substantially limit arsenic release to
overlying waters. The amount of Fe(III)-oxides and competition between diffusive flux and
trapping (i.e. the kinetics of As(III) sorption and/or oxidation to As(V) and subsequent sorption)
should ultimately dictate the amount of arsenite release to oxic water columns.
With the onset of anoxia in the water column and the disappearance of the sediment
oxidizing layer, it is thus expected that a substantial portion of the remobilized As will result
from porewater As(III) diffusing into the overlying waters [Aggett and Kriegman, 1985]. In
addition, during dissimilatory Fe(III) reduction, sorbed and/or coprecipitated As(V) may undergo
simultaneous or near-simultaneous reduction to As(III) [Ahmann et al., 1996; Harrington et al.,
1998]). Dissimilatory Fe(III) reduction without concomitant As(V) reduction has been noted in
pure culture microcosm experiments [Cummings et al., 1999], and therefore As(V) release to
overlying waters may also occur.
Once in the water column, a portion of remobilized As(III) and As(V) can be rescavenged on
the surfaces of freshly precipitated Fe(III)-oxides [Aggett and O'Brien, 1985; Pierce and Moore,
1981], and subsequently removed from the water column through aggregation and settling
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processes. Sorption equilibrium of As(III) and As(V) onto Fe(III)-oxides should be established
within hours [Pierce and Moore, 1981], and the distribution of remobilized As between dissolved
and sorbed phases determines its fate in the water column.
Remobilized As is additionally subject to redox transformations in the water column. At
circumneutral pH, arsenate reduction may occur slowly through abiotic reaction with sulfide
(0.06 nM d' for S(-II)= 25 pM and As(V) = 100 nM at T~25"C, Newman et al., 1997).
Reduction can occur more rapidly through biologically mediated dissimilatory As(V) reduction
[Ahmann et al., 1996; Newman et al.,1998; Harrington et al., 1998; Oremland et al., 2000].
Abiotic As(III) oxidation on the surfaces of MnOV)0 2(s) can proceed rapidly [-0.5 d1 at pH 6.8
with Mn(IV)= 25 pM; extrapolated from data in Scott and Morgan, 1996]. Abiotic oxidation by
oxygen is slow [0.3 nM As 1- d1 for a 6 nM sample; Scudlark and Johnson, 1982] , but
biologically mediated aerobic oxidation of arsenite can occur rapidly [t 1 2 = 0.3 hr at pH = 8.3;
Wilkie and Hering, 1998]. While nitrate and Fe(III) are both thermodynamically favorable
arsenite oxidants, no published studies have noted arsenite oxidation by nitrate, and there seems
to be a lack of consensus as to whether As(III) can be oxidized on the surfaces of Fe(III)-oxides
[Oscarson et al., 1982; DeVitre et al., 1991].
Methylated arsenicals (dimethylarsinate and monomethylarsonate; DMA and MMA) and
other organic arsenicals (e.g. arsenobetaine, arsenocholine) occur in natural systems [e.g. Aurilio
et al., 1994; Spliethoff et al., 1995; Anderson and Bruland, 1991; Sohrin et al., 1997; Kuhn and
Sigg, 1991; Cullen and Reimer, 1989]. Under certain conditions (e.g. productive epilimnia),
methylated species can comprise a large portion of total arsenic [Aurilio et al., 1994; Sohrin et
al., 1997]. Kuhn and Sigg (1991) suggested that 50% of total As in Greifensee was non-hydride
reducible arsenic (i.e. not As(III), As(V), DMA, or MMA) based on measured differences
between hydride reducible arsenic and total As measured after dry ashing. However, total As
was only <5 nM; so while these "missing arsenicals" may have been important in Greifensee, the
absolute amount is relatively insignificant to total inorganic arsenic in contaminated systems.
Organic arsenicals (hydride and non-hydride reducible) represented only a small percentage of
total As in the hypolimnion of a basin of Lake Biwa which experienced significant levels As
remobilization from the sediments [Sohrin et al., 1997]. Maximum measured methyl-arsenical
concentrations were 5 nM in the UML hypolimnion (Aurilio et al.., 1994).
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Because of differing As(III) and As(V) toxicities and mobilities, a mechanistic understanding
of the controls on As redox conversions is necessary for modeling arsenic transport in the
environment, and assessing the need for and efficacy of cleaning up As-polluted ecosystems.
Since As is generally present in significantly lower concentrations than other environmentally
important redox active elements (e.g. 02, N, Mn, Fe, S), studies concerned with arsenic
distribution between oxidized and reduced forms often compare thermodynamically predicted
arsenic chemistry, (As(III)/As(V))thermo (based on the "pe of the system"), with observed ratios,
(As(III)/As(V))oserved. Arsenic chemistry in natural systems, however, notoriously defies simple
and consistent explanation or prediction (Cullen and Reimer, 1989), with the redox chemistry of
As seldom fully responding to the dominant redox conditions in seasonally or permanently
anoxic hypolimnia. Sulfate-reducing conditions do tend to shift As redox chemistry toward a
dominance of As(III) [Oremland et al., 2000; Kuhn and Sigg, 1991; Seyler and Martin, 1989],
but it has been observed that As(V) typically persists at levels in excess of thermodynamic
predictions [Kuhn and Sigg, 1991; Seyler and Martin, 1983; Aurilio et al., 1994). The presence
of As(V) under reducing conditions is most often attributed to slow kinetics of As(V) reduction
[Kuhn and Sigg, 1991; Seyler and Martin, 1983; Aurilio et al., 1994]. Others have suggested
that As(V) may form unaccounted for dissolved complexes (e.g. thioarsenites, Cullen and
Reimer, 1989). Because of the difficulty in determining truly aqueous concentrations, it is also
possible that a portion of the apparent "disequilibrium" may be attributable to inaccuracies in
estimating measured As(III)aqueous/As(V)aqueous, for example due to the presence of colloidal As
[Trowbridge, 1995].
3.2 Previous observations in UML
Arsenic chemistry in UML has proven no exception in its unpredictability. Results from
previous studies in UML suggested that remobilized arsenic redox chemistry departs
significantly from thermodynamic predictions. In 1991, 1992, and 1994 the majority of
hypolimnetic As was measured in the +V redox state, when the several months of preceding
anoxia suggested that As(III) should predominate (Aurilio et al., 1994; Trowbridge, 1995).
Aurilio et al. (1994) attributed these observations in 1991 and 1992 to slow reduction of As(V) to
As(III), consistent with explanations offered to explain similar observations in other lakes (Kuhn
and Sigg, 1992; Seyler and Martin, 1989).
15
However, slow redox kinetics appears to be an insufficient mechanism through which to
consistently explain As redox chemistry in UML. In 1993, As redox chemistry was found to be
dramatically different than in 1992, with a higher proportion of As(III) and significantly higher
levels of total As in the water column [Spliethoff et al., 1995]. During 1993, As redox chemistry
apparently responded to vastly different redox conditions in the hypolimnion, evidenced by
sulfide's presence (- 25 pM) in early October (sulfide had not been detected in previous years).
Spliethoff et al. (1995) suggested that this lower redox potential in the hypolimnion resulted
from seasonal variability in one or more oxidants, and that As redox chemistry was delicately
poised.
Trowbridge (1995) found higher total As in 1994 than 1992, and strong correlations between
particulate (deff> 0.45 im) Fe and As depth profiles were observed. In the deepest several
meters of the lake approximately 50% of the remobilized Fe and As were 0.45 pm filterable (i.e.
filter-passing). A different explanation for the apparent redox disequilibrium during this year
was put forth: it was postulated that a fraction of the filterable Fe could be colloidal (deff < 0.45
ptm), and argued that the ratio of As(III)aq/As(V)aq was close to thermodynamic equilibrium
when As(V) sorption to this presumed colloidal Fe(III) was taken into account [Trowbridge,
1995]. The ratio of nonfilterable ("particulate") to filterable (assumed to be "dissolved") arsenic
decreased with increasing particulate Fe concentrations in samples. This observation, a "particle
concentration effect," may result from using filtered concentrations as a surrogate for truly
dissolved substances when estimating solid:aqueous partitioning of a compound, and served as
indirect evidence that a portion of the filterable As concentration was colloidally-complexed
(Gschwend and Wu, 1985; Honeyman and Santschi, 1991; Gustafsson and Gschwend, 1997).
4. Overview of dissertation
4.1 Goals
The overall goal of this dissertation is to address several fundamental questions concerning
arsenic chemistry in UML:
* What mechanism(s) is/are responsible for As(V) accumulation and persistence under anoxic
conditions in the hypolimnion?
* To what degree does Fe control the cycling of As in the water column?
* Under what conditions is water column As(V) replaced by As(III)?
* What causes interannual variability in As redox chemistry?
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To address these questions, we conducted field and laboratory studies and applied mass
balance, surface complexation, and thermodynamic modeling to explore As cycling and its links
to other important elemental cycles (Fe, N, 02) in UML. The results indicate that nitrate controls
the redox chemistry and cycling of remobilized arsenic in UML, a previously undescribed link
between these two pollutants.
4.2 Summary of findings
4.2.1 Initial observations
In Chapter 2, in situ serial filtration was used to explore the importance of As complexation
by Fe(III)-oxide to the overall remobilized As budget in UML during stratification. Results
demonstrate that in typical zones of As and Fe remobilization, generally 85 to 95% of both total
Fe and total As were associated with particles larger than 0.05 pm. Surface complexation
modeling (SCM) of As on amorphous Fe(II)-oxides accurately predicts As partitioning between
particulate and dissolved phases (typically to within 10-20%) in zones of significant levels of Fe
and As remobilization, thereby serving as a quantitative test of the hypothesis that the majority of
particle-complexed arsenic was sorbed by Fe(III)-oxides. SCM estimates, extrapolated to the
remainder of the water column, predict that sorbed As(V) represented the vast majority of total
hypolinmetic As, while the majority of dissolved arsenic was predicted to be As(III), due to
arsenite's lesser affinity for the surfaces of Fe(III)-oxides.
The observations made in Chapter 2 gave rise to the questions that the remainder of this
dissertation aims to address:
i) What controls the cycling of iron in the water column of UML - specifically why
does iron accumulate as particulate Fe(III) throughout several months of anoxia,
providing surfaces onto which As(V), and to a lesser degree As(III), can sorb?
ii) What causes As to accumulate in the water column primarily as As(V) and what
conditions will initiate a shift in As(V) to As(III), thus rendering arsenic less particle
reactive and therefore more mobile?
Chapter 3 provides a detailed discussion of the design and operation of the in situ filtration
system used in Chapter 2. The system was designed to minimize opportunities for filtration
artefacts during the size fractionation of trace metals in anoxic samples. Despite its robust
capabilities, the filtration system combines standard, commercially-available components into a
simple design that is easily reproduced.
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4.2.2 Fe cycling in Upper Mystic Lake
The apparent sorption-dominance of arsenic by Fe(III)-oxides required an accurate,
mechanistic model for the cycling of Fe. However, the classical Fe cycle model that
distinguishes between oxic and anoxic conditions proved insufficient towards explaining
observed Fe redox chemistry: remobilized Fe accumulated and persisted primarily as particulate
Fe(III) (Chapter 2) throughout several months of anoxia when this model predicts a
predominance of Fe(II). To satisfactorily explain the observed Fe chemistry, we reasoned that an
oxidant other than oxygen was responsible for controlling remobilized iron chemistry in this
system, and that the anaerobic production of amorphous Fe(III)-oxide particles allowed for
continued sorption-dominance of arsenic chemistry in the water column of UML. It was
hypothesized that nitrate was oxidizing remobilized Fe(II) considering: i) the thermodynamic
feasibility of Fe(II)-oxidation by nitrate; and ii) recent evidence in the literature for the biological
mediation of this reaction [Straub et al., 1996; Benz et al., 1998]. To test this hypothesis, we
followed the nitrogen and Fe cycles in UML over three field seasons. Field and laboratory
investigations assessed the importance of Fe(II) oxidation by nitrate at the field scale and
characterized its mechanisms (e.g. abiotic vs. biologically mediated) through controlled
laboratory experiments with UIL hypolimnetic water.
Chapter 4 describes the field study's chemical observations and mass balance modeling.
Inorganic nitrogen pollution is of surprising importance in this urban lake, originating from
upstream industrial pollution, combined sewer overflows, and runoff [MA DEQ, 1981]. High
levels of exogenic nitrate and ammonium input along with authigenic nitrate production through
nitrification (increasing the initial hypolimnetic nitrate pool by 150% while consuming -40% of
hypolimnetic oxygen), hastened the onset of anoxic conditions and allowed nitrate to persist as
the dominant electron acceptor throughout several months of anoxia. Anoxia triggered iron
release from the sediments. As hypothesized, conservative mass balance estimates indicate that
nitrate oxidation of Fe(II) is required to explain iron's continued accumulation as primarily
Fe(III). Shifts in iron redox chemistry from a predominance of Fe(III) toward Fe(II) were
correlated spatially and temporally with nitrate depletion in the water column, further suggesting
an N-Fe link. A distinct Fe(III) peak formed in the water column during one year at a depth
coincident with the nitrate-depleted/nitrate-rich boundary, analogous to the Fe(III) peak
predicted to form at the oxic-anoxic interface in lakes exhibiting the classic Fe cycle model.
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Chapter 5 describes controlled microcosm experiments conducted to test the hypothesis that
nitrate-dependent Fe(II) oxidation can occur in this system. Anaerobic, biologically-mediated
Fe(II) oxidation occurred in duplicate, live microcosms with sample obtained from the sediment-
water interface of UMIL (~H% solid; T = 40C). 85% of the initial Fe(II) ([Fe(II)]O = 1.4 mM) was
oxidized over the course of 20 days, turning the slurries' color from deep black to orange-brown.
Nitrate (spiked to an initial concentration of 10 mM) was the only oxidant available in sufficient
supply to explain the oxidation. No measurable Fe(II) oxidation occurred in killed controls
(azide and formaldehyde). Additional experiments were performed with minimally-modified
water-column samples in an attempt to estimate potential in situ kinetics of this reaction.
Anaerobic live microcosms (T = 40C) spiked with varying levels of Fe(II) (10-50 PM), exhibited
exponential loss of Fe(II) corresponding to initial rates of 2.4 to 4.7 PMd. The recovery of
greater than 95% of total Fe in the water column experiments argues that Fe(II) disappearance
resulted primarily from oxidation. Nitrate was capable of explaining Fe(II) oxidation on a mass
basis. However, at such low Fe(II) levels the role of trace oxygen contamination can not be
ruled out. Slower abiotic oxidation in killed controls was also observed (-0.4 PM d').
4.2.3 Nitrate's indirect and/or direct impact on As cycling
After mechanistically characterizing the iron and nitrogen cycles in UML, the focus returns
to arsenic cycling. Chapter 6 builds upon the observations made in Chapters 2, 4, and 5, layering
the arsenic cycle over the structural framework provided by coupled N-Fe cycling and surface
complexation modeling. Arsenic data from 1997 are revisited, and compared with arsenic redox
chemistry from two additional years of observation (1998 and 1999).
Nitrate apparently exercises dominant, although in part indirect, control over the cycling of
arsenic as it accumulates in the water column. Anoxia triggers both Fe and As release from the
sediments. Nitrate's presence in the water column favors arsenic's accumulation as As(V),
either by directly oxidizing remobilized As(III) or indirectly by serving as a more energy-rich
electron acceptor and forestalling the reduction of As(V) to As(III). While As(V) remained the
dominant form of remobilized As throughout the 1997 field season (until mid-November),
As(III) became important in the deep waters of UML by late-October in 1999. Analogous to
iron, the shift in As redox chemistry from As(V) predominance toward As(III) is correlated
spatially and temporally with nitrate depletion in 1999, allowing As(III) to eventually represent
75% of total As in the bottom few meters of the lake. The timing of onset of nitrate-depletion
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appears capable of varying significantly from year to year and therefore may serve to explain
past observations of interannual variability in As redox chemistry.
Multiple lines of evidence argued that nitrate oxidized remobilized Fe(II) in UMIL (Chapters
4 and 5), thus directly controlling the cycling of Fe. This process indirectly controls As
chemistry by creating the surfaces onto which both As(V) and As(III) sorb. Particle-
complexation dominated remobilized arsenic chemistry in 1997 (Chapter 2), and the SCM from
Chapter 2 is applied to the 1997 and 1999 arsenic depth-profiles to contrast predicted sorption
when different redox conditions define the water column. Possible rates of As(III) oxidation and
As(V) reduction are determined through mass balance estimates. Mass balance estimates of
particle-complexed As settling suggest that nitrate may indirectly minimize net As
remobilization. In addition, comparisons between SCM-determined ratios of As(III)aq/As(V)aq
and thermodynamically predicted ratios allow further speculation about As cycling in the water
column
Building on previous conceptual models of As cycling in lakes, a model for explaining As
cycling in N-contaminated lakes is proposed. This model consistently explains past and current
As cycling in UML by considering the coupled cycling of N, Fe, and As in this system.
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FIGURES - Chapter 1
Figure 1 Aberjona Watershed (excerpted from Hemond, 1995)
Figure 2 Bathymetric map of Upper Mystic Lake, Winchester, MA
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Chapter 2 Complexation of remobilized As by particulate iron in a
contaminated, dimictic lake.
Abstract
Conceptual models note the importance of iron to the cycling of arsenic in lakes; however the
degree to which As is complexed by particulate Fe(Ill)-oxides in the water column has not been
quantitatively assessed. As part of a larger study aimed at understanding arsenic cycling in the
hypolimnion of As-contaminated, seasonally anoxic Upper Mystic Lake (UML; Winchester,
MA), we explored the importance of gravitoidally- and colloidally-complexed arsenic to the
remobilized arsenic budget. During two field seasons, in situ serial filtration at representative
depths demonstrated that the vast majority of remobilized As and Fe were associated with
particles larger than 0.05 pm throughout 4 months of anoxia. Particle complexation dominates
As chemistry to the extent that, in typical zones of As and Fe remobilization, generally 85 to
95% total As complexed was observed. 25 to 50% of total As and Fe were found in the colloidal
size fraction (between 0.4 pm and 0.05 gm). By classical filtration (i.e. through a 0.4 ptm filter),
this fraction would have been mistakenly classified as dissolved. Correlations between Fe(III)
and total As depth profiles in UML, considered alongside known properties of Fe and As
chemistry, argued that sorption on Fe(III)-oxides was controlling As chemistry in this lake. This
hypothesis was quantitatively tested by comparing measured estimates of arsenic sorption (i.e.
total As > 0.05 gm) with sorbed concentrations predicted by surface complexation modeling
(SCM) of As on amorphous Fe-oxides. SCM accurately predicts As partitioning between sorbed
and dissolved phases (typically to within 10%) in zones of significant levels of Fe and As
remobilization. SCM indicates that, while sorbed As(V) represented the vast majority of total
hypolimnetic As, the majority of dissolved arsenic should have been As(III), due to arsenite's
lesser affinity for the surfaces of Fe(III)-oxides.
The observations made in this chapter give rise to the questions that the remainder of this
dissertation aims to address:
i) What controls the cycling of iron in the water column of UML - specifically why
does iron accumulate as particulate Fe(III) throughout several months of anoxia,
providing surfaces onto which As(V), and to a lesser degree As(III), can sorb?
ii) What causes As to accumulate in the water column primarily as As(V) and what
conditions will initiate a shift in As(V) to As(III), thus rendering arsenic less particle
reactive and therefore more mobile and potentially bioavailable?
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1. Introduction
Particles in natural aquatic systems provide surfaces onto or into which dissolved compounds
can partition from the aqueous phase [Buffle and Leppard, 1995; Gustafsson and Gschwend,
1997]. Particle sorption of surface-reactive trace compounds may limit their bioavailability and
may alter reaction rates as compared to aqueous species. In addition, transport of sorbed species
differs from dissolved chemicals' transport. "Gravitoidal" particles settle appreciably
[Gustafsson and Gschwend, 1997], thus acting as potential sinks for surface-reactive compounds
in aquatic systems [Sigg et al., 1987]. Colloids are defined as nonsettleable particles [Buffle and
Leppard, 1995]. Colloids range in size from nanometers to several micrometers in diameter,
with the variable size-cutoff between colloids and gravitoids being a function of a system's
turbulent energy [Gustafsson and Gschwend, 1997]. Short-term transport of colloidally-
complexed substances is analogous to that of truly dissolved substances, i.e. by advection and
diffusion, without appreciable settling. However, over longer time scales (hours to days to
weeks), the fate of colloidally complexed constituents may be quite different from that of a
dissolved chemical, due to colloid aggregation and the settling of these aggregates out of solution
[Honeyman and Santschi, 1991]. Accurately determining the colloidal fraction requires special
care due to sampling artifacts [Buffle et al., 1992; Horowitz et al., 1996]. Standard filtration
protocols (e.g. 0.4 pm filtration) fail to differentiate between colloidal and dissolved species.
However, the equilibrium complexation and thermodynamic modeling tools used to understand
and predict chemical behavior require knowledge of aqueous concentrations.
As part of a larger study aimed at understanding arsenic cycling in the hypolimnion of As-
contaminated, seasonally anoxic Upper Mystic Lake (UML; Winchester, MA), we investigated
the significance of gravitoidally- and colloidally-complexed arsenic to the remobilized arsenic
budget. Inorganic arsenic is strongly complexed by amorphous Fe(III)-oxides [Pierce and
Moore, 1981]. During seasonal hypolimnetic anoxia, iron and arsenic are typically remobilized
in concert from the sediments of UML [Aurilio et al., 1994; Spliethoff and Hemond, 1995;
Trowbridge, 1995] and other As contaminated lakes [e.g. Aggett and Kriegman, 1988].
Remobilized iron can become oxidized and accumulate in the water column as amorphous iron
oxides [Davison, 1993] and should rescavenge a portion of remobilized As. Models and
supporting studies that describe arsenic cycling in lakes emphasize the importance of iron, but do
not quantify the degree to which arsenic chemistry may be controlled by Fe in the water column,
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nor do they consider colloidally-complexed As [Aggett and Kriegman, 1988; Cullen and Reimer,
1989]. Previous work in UML found strong correlations between hypolimnetic profiles of
gravitoidal (> 0.45 gm) Fe and As [Trowbridge, 1995]. However, roughly half of As and Fe was
0.45 gm filterable (i.e. filter-passing), and it was hypothesized that colloidal Fe was present in
this fraction and complexing a portion of this filterable As [Trowbridge, 1995]. This assertion is
reasonable considering evidence from other systems demonstrating that a large portion of
amorphous iron-oxides accumulate in the colloidal size-fraction [DeVitre et al., 1988; Buffle et
al., 1989; Pizarro et al., 1996].
By the above logic, we proposed that both gravitoidal and colloidal As may be important in
the water columns of seasonally anoxic, arsenic polluted lakes, and that remobilized Fe may
control As chemistry in the water column. To test these hypotheses, we employed in situ serial
filtration at representative depths in the hypolimnion to estimate the size distribution of
remobilized Fe and As. In addition, surface complexation modeling was used to evaluate
particulate Fe(III)'s ability to explain As distribution between sorbed and dissolved phases.
2 Background
2.1 Fe and As cycling in lakes
In natural waters, biological and abiotic reactions shuttle arsenic through inorganic redox
states as well as various organic chemical forms [Cullen and Reimer, 1989]. Inorganic
arsenicals, specifically arsenate (H2 As(+V)0 4 ) and arsenite (H 3As(+"')0 3) (Table 1), appear to
represent the greatest proportion of remobilized arsenic in lake systems [Aurilio et al., 1994;
Spliethoff et al., 1995; Sohrin et al., 1997]. Arsenite is often described as the more toxic form
[IARC, 1980], although this may not be true for some taxa [Knauer et al., 1997].
Amorphous iron oxyhydroxides are abundant in natural systems, and their surfaces strongly
sorb As(V) [Pierce and Moore, 1982; Belzille and Tessier, 1990; Dzombak and Morel, 1991].
These surfaces also complex As(III), although less strongly. The settling of particulate Fe out of
solution, and the accumulation of both Fe and As in the sediments, can therefore act as an
important As sink in oxidizing lake systems [Spliethoff and Henond, 1996]. This sink is only
partially effective in lakes with seasonally (or permanently) anoxic hypolimnia, owing to iron's
own redox cycle [Davison, 1993]. Shifts in Fe redox state alter its solubility; dissolved Fe(III)r
is maintained at subnanomolar levels by precipitation of Fe"(OH)3 s, while Fe(II)r is typically
soluble (in the absence of sulfide) up to 100's of micromolar [Morel and Hering, 1993]. Upon
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stratification, and depletion of oxygen in a lake's bottom waters, sufficiently reducing conditions
develop to initiate dissimilatory Fe(III) reduction at the sediment-water interface. Iron reduction
allows Fe(II)aq and previously sorbed constituents to diffuse into the water column [Davison,
1993; Lovley, 1991]. If remobilized Fe(II) encounters a suitable oxidant, it may be subsequently
reoxidized, forming primarily amorphous iron oxides [Davison, 1993; Davison and DeVitre,
1991]. Lake Bret (Switzerland) has been the study site of the most detailed observations of iron
particles in lakes to date [DeVitre et al., 1988, Buffle et al., 1989; Leppard et al., 1988; Perret,
1989; Pizarro et al., 1996]. Authigenically formed iron oxides in the suboxic/anoxic
hypolimnion of Lake Bret have been found primarily as amorphous particles ranging in size from
0.04-0.3pm, present as either individual particles or as aggregates in tight (0. 1-1.0prm) or loose
(0.5 up to 10 pm) clusters [DeVitre et al., 1988; Buffle et al., 1989]. Thus a significant colloidal
Fe fraction may be present.
During dissimilatory Fe(III) reduction, sorbed As(V) may be released to the water column
with its redox state unaltered [Cummings et al., 1999], or it may undergo simultaneous or near-
simultaneous reduction to As(III) [Ahmann et al., 1996]. Remobilized As is subject to redox
transformations in the water column. Biologically mediated dissimilatory As(V) reduction can
occur [Newman et al., 1998; Oremland et al., 2000], as can abiotic reduction of As(V) by sulfide
[Newman et al., 1997; Peterson and Carpenter, 1982]. Abiotic As(III) oxidation on the surfaces
of Mn(IV)0 2(s) proceeds rapidly [0.5 d1 at pH = 6.8 with Mn(IV) = 25 pM; extrapolated from
Scott and Morgan, 1996], while abiotic oxidation by oxygen tends to be slow [0.2 nM As 1- d-
for 6 nM total As, Scudlark and Johnson, 1982]. Biologically mediated aerobic oxidation of
arsenite can progress quickly in natural systems [tl1 = 0.3 hr at pH - 8 in oxic waters, Wilkie and
Hering, 1998]. No studies have investigated arsenite oxidation by nitrate, and there seems to be
a lack of consensus as to whether As(III) can be oxidized on the surfaces of Fe(III)-oxides
[Oscarson et al., 1981; DeVitre et al., 1991]. Once in the water column, a portion of remobilized
As(III+V) can be rescavenged on the surfaces of freshly precipitated particulate Fe(III) [Aggett
and O'Brien, 1985; Pierce and Moore, 1981], and subsequently removed from the water column
through aggregation and settling processes. Sorption equilibrium of As(III) and As(V) onto Fe-
oxides should be established in hours [Pierce and Moore, 1981], and the distribution of
remobilized As between dissolved and sorbed phases determines its ultimate fate in the water
column: aggregation/settling vs. diffusion.
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2.2 UML: Site description and previous observations
The Upper Mystic Lake, a eutrophic, dimictic, kettlehole lake (Zmax = 24 m; Zavg = 15 m;
Asurface - 50 ha; V = 7x10 6 M3) in eastern Massachusetts, has received inputs of ca. 104 kg of
arsenic and similar amounts of other toxic metals due to upstream industrial activity during the
past century [Aurilio et al.., 1995; Hemond, 1995; Spliethoff and Hemond, 1996]. This
productive lake has a large hypolimnetic oxygen deficit, with onset of anoxia in mid July.
During hypolimnetic anoxia, arsenic and iron are remobilized from the sediments, and a strong
association between arsenic and iron accumulation has been demonstrated during this time
[Spliethoff et al., 1995; Trowbridge, 1995]. Trowbridge (1995) found strong correlations
between non-filterable (deff > 0.45 [tm) Fe and As depth profiles, while in the deepest several
meters of the lake approximately 50% of the remobilized Fe and As are 0.45 [tm filterable (i.e.
filter passing) [Trowbridge, 1995]. The ratio of nonfilterable ("particulate") to filterable
(assumed to be "dissolved") arsenic decreased with increasing particulate Fe concentrations.
This observation, a "particle concentration effect," may result from using filtered concentrations
as a surrogate for truly dissolved substances when estimating solid:aqueous partitioning of a
compound, and may serve as an indication that a portion of the filterable concentration is
colloidally-complexed [Gschwend and Wu, 1985; Honeyman and Santschi, 1991; Gustafsson
and Gschwend, 1997). This indirect evidence generated the initial hypothesis that a portion of
filterable As in UML might actually be complexed by colloidal Fe (Trowbridge, 1995).
3. Objectives
The goal of this study was to quantify the degree to which particulate Fe influences As
chemistry by sorbing remobilized As in UML. We hypothesized that:
1) particulate (gravitoidal + colloidal) Fe and As were present in the hypolimnion of UML
during fall stratification and anoxia;
2) aqueous As concentratins were, therefore, significantly lower than could be accurately
predicted by standard 0.4 pm filtration; and
3) Fe(III)-oxides in the water column should control aqueous As chemistry, and the
distribution of As between particulate and dissolved phases could be quantitatively
explained through surface complexation modeling of As on Fe-oxides.
To test for the presence of gravitoidal and colloidal Fe and As, an in situ serial filtration
system (Chapter 3) was designed and used at discrete, representative depths in the hypolimnion
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to determine arsenic and iron concentrations in 4 size classes (deff > 0.4 m, 0.4gm>deff>0.2 tm,
0.2[im>deff>0.05pm, and deff<0.05Rm). In situ filtration was carried out to minimize alteration of
Fe and As size distributions during the collection and low-flow-rate filtration of anoxic,
hypolimnetic water samples [Buffle et al., 1992].
In addition, depth profiles of total As, As(III), total Fe, and Fe(II) were obtained from the
hypolimnion of UML during summer and fall stratification. Filterable (0.4 im) Fe and As were
also measured at several depths on each sampling date. Fe(II) measurements allowed an
independent means for distinguishing between dissolved and colloidal Fe. Redox-state-specific
arsenic measurements were required due to the differing affinities of As(III) and As(V) for the
surfaces of iron oxides.
Surface complexation modeling [Dzombak and Morel, 1990] was used to quantitatively test
the hypothesis that particulate and colloidal iron oxides were responsible for the majority of As
distribution between sorbed and aqueous phases. Sorbed As concentrations were modeled based
on measured values of Fe(III), total As(III), and total As(V), and equilibrium sorption constants
for As on the surface of Fe(III)-oxides. These modeled concentrations were then compared with
measured estimates of sorbed As (i.e. As > 0.05 ptm).
4. Methods
4.1 In situ serial filtration
The in situ serial filtration system (Figure 1) was used to perform size fractionations of
remobilized Fe, Mn, and As. The system, described in more detail in Chapter 3, minimizes
opportunities for filtration artifacts [see Buffle et al., 1992] by filtering in situ, rigorously
maintaining anoxic conditions during filtration, utilizing serial filtration (i.e. filtration in series
with successively smaller pore size filters), filtering at low flow rates (2.5 ml/min), and using
polycarbonate membrane filters with well-defined pore sizes. The filtration system has no pump;
rather it relies on a differential between hydrostatic pressure and internal N2 pressure to push
water through a series of filters at a flow rate that is accurately controlled by adjusting the flow
rate of exiting N2 gas. The filter holders (144 mm polycarbonate, Geotech), holding either 0.4
pm, 0.2 pm, or 0.05 pm polycarbonate membrane filters (Nuclepore), are connected in series and
arranged in a compact horizontal triangle for easy deployment. Filtrates (70 ml) are collected in
PVC reservoirs (-70 ml) following each of three filters, along with an unfiltered sample at the
inlet to the system. All fittings are of polycarbonate, nylon, vinyl, or PVC. The total internal
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volume of the system is approximately 450 ml, and approximately 300, 200, and 100 ml of lake
water passes through the 0.4, 0.2, and 0.05 prm filters, respectively, minimizing the potential for
clogging. A PVC ball check valve is used as the inlet to the filtration system, prohibiting water
from entering the system as long as the internal pressure is greater than hydrostatic pressure.
Prior to assembly, all parts of the system contacting sample were acid-washed and
subsequently stored in a glove box under N2 atmosphere (> 24 hours) to allow for oxygen
diffusion out of the plastic. The majority of the system was assembled in the glove box, and
after removal was continuously purged with N2 until deployment. In the field, the entire
filtration system was pressurized with N2 and gradually lowered to the sampling depth.
Filtration was initiated by opening the gas flowmeter at the surface to the proper flow rate,
allowing N2 to flow out of the system at a controlled rate and water to enter at a rate of 2.5
ml/min. Filtration was completed within approximately 3 hours, at which point N2 flow was
turned off, and the system slowly returned to the surface. After the stopcocks on the filtrate
reservoirs were closed, the reservoirs were removed from the system and stored on ice. Filtrates
were subsampled and analyzed as described below for total As, total Fe, and total Mn.
4.2 Bulk water collection
Conditions in UIL were monitored every 15 to 30 days throughout spring, summer, and fall
of 1997 from a permanent buoy positioned in the deepest region of the lake. Dissolved oxygen,
temperature, specific conductance, and pH were measured in situ using a submersible probe unit
(Hydrolab MiniSonde); a pressure transducer in the probe unit determined depth. Water samples
for depth profiles were collected in acid-cleaned plastic containers by means of a peristaltic
pump, with acid-washed vinyl tubing attached to the Hydrolab housing. Samples were
transported and stored on ice. Standard in-line filtration (0.4 r Nuclepore polycarbonate
filters) was also conducted at several hypolimnetic depths on each sampling date by attaching a
45mm plastic filter holder downstream of the pump (1 L/min) and collecting - 50 ml of sample.
4.3 Sample analyses
4.3.1 Arsenite and total arsenic
Unfiltered samples were analyzed for As(III) within 24 h of collection by hydride generation
atomic fluorescence (HGAF), modifying the selective arsenite reduction scheme of Andreae
(1977) and Aurilio et al. (1994) for use with a continuous hydride generation system (Excalibur,
PSA Analytical). Some filtered samples were also measured and time between sampling and
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analysis exceeded 24 h for some samples (where noted). A Tris buffer maintained an elevated
pH (~8) during the reaction, preventing As(V) reduction during reduction of As(III) to arsine gas
(AsH3(g)). AsH3(g) was swept from the gas-liquid separator by an argon stream, atomized in a
hydrogen flame, and detected by atomic fluorescence. No consensus exists in the literature for a
widely applicable method for preserving As redox chemistry in environmental samples [Cullen
and Reimer, 1989]. Loss of some As(III) due to oxidation can not be ruled out during sample
collection and storage, although previous work had shown that cold storage for 24 hours was
sufficient for maintaining redox chemistry [Aurilio et al., 1994]. The presence of particles in
samples was found to increase the technique's recovery of As(III) (relative to standards prepared
in Milli-Q water), either by catalyzing the reduction of As(III) or allowing for enhanced gas
stripping (e.g. particles acting as nucleating sites for bubbles). This higher sensitivity persisted
for a significant period (e.g. >5 to 10 minutes) after sample had been replaced by blank (Milli-Q
water) in the gas-liquid separator (perhaps because particle residence time in the gas-liquid
separator was greater than hydraulic residence time because bubbles continually recirculated
particles). This allowed the amount of increased recovery to be assessed by running standards in
between samples. These standards were included in the calculation of sample As(III)
concentrations. Reduction of As(V) did not cause the apparent enhanced arsine recovery in the
presence of particles, as demonstrated by no increase in fluorescence in As(V) spiked standards.
Subsequent more rigorous attempts (in 1999) at preserving As redox chemistry (by flash-
freezing in the field in liquid N2) and accounting for particle-effects during analysis (by standard
additions) yielded As(III) concentrations (5-10 nM) comparable to those obtained in 1997 for
dates and depths with similar redox conditions (Chapter 6). We have found that the presence or
absence of nitrate and Fe(II) tend to be the best predictors of As(III) dominance in UML
(Chapter 6), and therefore high levels of As(III) were not expected in 1997, because of low
measured Fe(II) and the persistence of nitrate throughout the field season (Chapter 6). As
additional confirmation, the overall 1997 method (sample, storage, and analysis) has been shown
to accurately identify proportionately high concentrations of As(III) when sufficiently reducing
conditions (dominance of Fe(II) and/or presence of sulfide) defined the water column of As-
contaminated Spy Pond (in preparation). Because of the low measured As(III) concentrations in
UML during 1997, we conservatively estimate that the absolute concentrations are known to
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within ±50% (a few to several nanomolar As(III), typically representing <10% of total As). This
variability has little impact on our overall conclusions.
Subsamples for total (hydride-reducible) As were acidified with HCl, spiked with a
prereducing agent (KI and ascorbic acid) to reduce As(V) to As(III), and stored at 4C until
analysis. Total arsenic was also measured by continuous HGAF, but at pH - 1 and with a higher
final concentration of NaBH 4 than the As(III) method. The total As method showed no
sensitivity to particles. The method does measure methylated arsenicals (mono- and di-methyl
arsenate), but these species have been found at relatively insignificant concentrations in the UML
hypolimnion [Aurilio et al., 1994; Spliethoff, 1995] and in other seasonally anoxic hypolimnia
[Sohrin et al., 1997]. Non-hydride reducible organo-arsenicals (e.g. arsenobetaine) are not
measured by this technique; therefore it is possible that total As may be somewhat higher than
hydride-reducible total As.
As(V), as referred to in the text, is calculated as the difference between total (hydride-
reducible) As and As(III).
4.3.2 Total Fe and Fe(II)
Total Fe samples were acidified to 5% HNO 3, and stored at 40C until analysis by graphite
furnace atomic absorption (GFAA; Perkin Elmer 4100ZL). Total Fe storage time varied from
several days to several weeks. To avoid oxidation during transport, Fe(II) was analyzed on the
boat immediately upon sample collection (Chemetrics Vacuvials, phenanthroline-based method)
using a portable spectrophotometer (Spectronics Mini-Spec 20). High levels of background
absorbance were measured by this method when high Fe(III)-oxides levels were present (> 40
pM Fe caused visible difference in water color), so 1997 Fe(II) absorbance measurements
presented herein have been corrected using a relationship obtained from subsequent field data
(Chapter 4 Section 5.3.2).
4.4 Surface complexation modeling
To estimate As sorption on the surfaces of amorphous hydrous ferric oxides (HFO) in the
water column of UML, we applied the surface complexation model of Dzombak and Morel
(1991). In this model, average characteristics for HFO density and surface area determine the
number of surface sites per mole of Fe(III) (Table 1). Surface sites exhibit acid base chemistry
(=Fe-OH 2 ' and =Fe-O-), with the change in apparent pKa values predicted by a double layer
electrostatic model. HFO surface chemistry is described by Table 1 Equation 1, where the total
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number of HFO surface sites, (EFe-OH)totai, is estimated from the total Fe(III) concentration.
Particle reactive solutes exchange with -OH groups on the Fe(III) surface. Dzombak and Morel
(1991) estimated the intrinsic equilibrium constants, K", for possible arsenic surface complexes
(Table 1) using the data of Pierce and Moore (1981). As in the case of the pKa's, when applying
the model, these estimates of Kl" must be modified to account for the work required to move
ions toward the charged HFO surfaces (Table 1 Eqn. 2), which varies as a function of system pH,
ionic strength, and the number of sorbed charged substances. The coulombic correction factor,
i.e. exp(-Z-F-'P/(R-T)), is incorporated into the equilibrium model as an analog for a chemical
concentration in the mass law equations. After these corrections, EFe-OH can be treated as an
aqueous ligand and a standard equilibrium complexation model used to calculate arsenic
chemistry (Table 1 Equations 3 and 4).
MINEQL' (version 4.07; Environmental Research Software) equilibrium complexation
modeling software was used to model arsenate and arsenite sorption on HFO. Sorption constants
in Table 1 were used to estimate As(III) and As(V) complexation; the standard MINEQL'
thermodynamic database was used for the remainder of complexation calculations and for
calculation of the coulombic correction term. General inputs to the SCM are described in Table
2. No temperature corrections were made (MINEQL' constants are for T=20-250 C while UML
bottom waters were T-50 C) because the necessary AH* values are not available for HFO surface
reactions. The potential affects of temperature are discussed in Section 6.3.2
To specifically test the hypothesis that HFO controls As chemistry through sorption, we
purposefully applied a simplified SCM that considered arsenic sorption on HFO as the only
important arsenic complex (Table 1 Equations 5-8). In this hypothesis-testing model, competing
anions (most importantly P0 4 3-) and cations for =Fe-OH are neglected, and other As(III) and
As(V) sorbents and dissolved arsenic complexes are not considered. Further it is assumed that
laboratory-derived sorption constants are applicable to field conditions. Dzombak and Morel
(1990) acknowledge that HFO sorption constants are applicable under all conditions except in
systems having significant amounts of dissolved organic matter. Because the affects of DOC on
HFO surfaces are not clearly understood let alone quantifiable, it is not possible to accurate
incorporate DOC into our model at this point. Dzombak and Morel (1990) note that "the
sorption constants will be useful in predicting sorption (at least) in the many systems that have
low dissolved organic carbon (DOC) relative to oxide solids on a mass basis." No dissolved
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organic carbon data are available for UML. For the above reasons, we will rely on the
comparisons between observed and predicted sorption to test the importance of dissolved organic
carbon and other "alterations" of As/Fe(III) sorption chemistry.
With this "test" structure, agreement between modeled (Table 1 Equation 8) and measured
(i.e. As > 0.05 ptm) arsenic sorption would suggest that HFO is the dominant sorbent for
remobilized As in UML, and that this simplified model provides a reasonable representation of
the system in zones of significant As and Fe remobilization. Some modest departure from ideal
estimates is expected due to the application of laboratory-derived data to a natural system
(Belzille and Tessier, 1991) and uncertainty in the original model fitting (Dzombak and Morel,
1991). If SCM consistently and significantly overpredicts measured As sorption, i.e.
[Astotai>0.05tm], the presence of competing anions for EFe-OH sites (Eqn. 1 Table 1), aqueous
As(III) or As(V) ligands (Eqn 4), non-ideal surface properties (e.g. difference in sorption site
density, altered Kl"), or colloidal As smaller than 0.05 [m might contribute to this difference. A
substantial and consistent underprediction of [Astotai>0. 0 5ptm] might indicate the presence of
another strong As complexing ligand (Eqns. 2 and 3), or a modification of HFO properties
toward greater sorption of As. Finally, low level As contamination in the 0.05 ptm filtrate could
cause higher modeled than measured sorbed As values.
The simplifications described above are reasonable. Aqueous complexes of arsenate and
arsenite with other dissolved constituents in non-sulfidic waters tend to be insignificant (Cullen
and Reimer, 1989). We performed trial runs using MINEQL 's thermodynamic data base, and
found no significant dissolved As(III) or As(V) complexes forming with major cations (Fe3*,
Fe2+, Mn2+, Pb2+, Ag 2+, Al3 , Mg 2+, K+, Zn2 +, Cu2+). This observation may be truly indicative of
the actual arsenic chemistry, but may also be partially a result of an incomplete database, since
phosphate (which has similar aqueous chemistry as arsenate) does complex with many of these
cations. Complexation of As by particulate sorbents other than iron is possible [e.g. Al(OH) 3(s)
and clays, Manning and Goldberg, 1997; humic substances, Thanabalasingam and Pickering,
1983]. However, the influence of other scavenging surfaces on As chemistry would only
become important when their binding capacity (i.e. E (KII-si* [eSi]) and Z (Kv-si* [=Si]))
approached or became greater than the analogous HFO terms. Arsenate has comparable affinity
for Al(OH) 3 (s) as it does for HFO; however the concentrations of aluminum should be
substantially lower than HFO in UML. Particulate Mn is insignificant relative to particulate Fe
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in the UML hypolimnion (see Section 5.2). Limited laboratory studies show that As(III) and
As(V) may have a reasonably strong affinity for humic acids (Thanabalasingam and Pickering,
1986); however properties of humic substances vary from location to location. The importance
of all non-HFO sorbents will be assessed through comparing sorption-model predictions with
measured estimates of sorption, and additional sorbents invoked if necessary. Uncertainty
estimates associated with SCM are quantified in Section 6.3.2.
5. Results
5.1 Fe and As remobilization
In early April 1997, the water column was nearly isothermal as well as chemically well-
mixed, with dissolved oxygen, pH, and conductivity constant over depth (see Chapter 4). A
well-established thermocline was evident in early May 1997, by which time some oxygen
depletion was evident. Steady oxygen consumption continued through June, and oxygen levels
reached detection limits (-5 pM) in the deepest 9 meters by late July.
In the well-mixed water column (April), total arsenic levels in the hypolimnion varied little
with depth, having an average concentration of ~ 6 nM (not shown; see Chapter 6). Decreased
oxygen levels in the near bottom waters initiated Fe and As remobilization as early as 6/26/97
(Figure 2 A through H). 0.4 gm-filterable Fe and As represent 25 to 50 % of total Fe and As
throughout the period of observation. In general Fe(II) measured between 0 and 5 pM, typically
5 to 10 times less than 0.4 pm filterable Fe, and only 5 to 10% of total Fe, except in a few
instances (e.g. 11/18/97 23.8 m). In the deeper waters, As(III)measured represented only a small
fraction (5-10%) of total As. Despite the anoxic conditions in the bottom waters beginning in
mid- to late-July, and the significant increase in Fe and As in the water column, only a small
fraction of Fe and As were present in their reduced forms. Total Fe and total As profiles in the
fall of 1996 were similar to those in 1997 (not shown). No redox specific Fe and As
measurements were performed on the water column samples in 1996.
Detailed treatment of Fe and As cycling and mechanisms of redox conversions in UML
during 1997 and subsequent years are treated elsewhere (Chapter 4 and 6 ). Several other studies
provide additional years of observations [Spliethoff et al., 1995; Trowbridge, 1995; Aurilio et al.,
1994].
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5.2 Size Distribution of As, Fe, and Mn
In situ serial filtration was conducted in 1997 on 6/26/97, 7/30/97, 8/26/97, and 11/18/97 at
22 m depth (and 15 m on 7/30/97). Although both total Fe and total As concentrations increased
by a factor of 10 over this time period at 22m, insignificant increases occurred in the dissolved
(deff < 0.05 rim) size fraction (Figure 3 A and B). Filters (especially the 0.4 ptm filter) inspected
immediately after retrieving the sampler were typically stained orange and/or had trapped orange
particles; and unfiltered water collected from deeper than 18-19 m after the onset of anoxia had a
distinctive orange tinge. Both of these observations indicate that remobilized Fe(II) was being
oxidized to Fe(III). The amount of iron and arsenic found in the colloidal size fraction
(considered to be 0.4im>dgf>0.05pm for this discussion) varied throughout the season and
ranged between 25 to 50% of total As and Fe. The agreement between Fe(II) field
measurements and 0.05 [im filterable Fe concentrations, as compared to the overestimate
provided by 0.4 ptm filterable Fe profiles, provides further confirmation of colloidal iron's
presence.
The Mn size distribution data stand in contrast to those for Fe and As (Figure 3 C). The vast
majority of remobilized Mn was 0.05 gm filterable, as would be expected of a dissolved
substance. This observation, considering the extremely low solubility of Mn(IV) [Morel and
Hering, 1993], suggests that the majority of remobilized Mn(II) remained in its reduced form
once diffusing from the sediments into the water column. The apparent lack of Mn(II) oxidation
was expected considering the higher pe" of the Mn(II)/Mn(IV)0 2 redox couple compared to that of
Fe(II)/Fe("')(OH)3(a>n) [Stumm and Morgan, 1996] and is in agreement with observations made in
anoxic hypolimnia of other eutrophic lakes [Sigg et al., 1991; Belzille et al., 1996]. While Mn
redox chemistry is not particularly pertinent to the discussion in this chapter, its measured size
distribution highlights the filtration system's ability to readily distinguish between primarily
dissolved and primarily particulate compounds in the water column.
Preliminary deployments made in summer and fall 1996 support the observations of 1997,
confirming the presence of colloidal Fe and As at 22m, and extending these observations to 20 m
(Figures 4 A through D). To test filtration reproducibility, a simultaneous deployment of three
identical filtration systems was made at a depth of 20 m on 11/20/96. On this date, the waters
deeper than 15 m had been anoxic (below detection limits of ca. 0.2 mg/l 02) for more than 3
months. The variance in filtrate concentrations among the three replicate samplers was small,
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despite the fact that system #1 filtered at a rate in excess of design due to extra N2 venting from a
leak at the surface. Duplicate filtration was also conducted on 10/30/96 at 20m. Good
agreement is seen for Fe and As filtrates on this date, except for a significant difference in the
0.05 pm filtrates.
Throughout 1997, total iron measured in the unfiltered sample reservoir of the filtration
system (Figure 1) was systematically lower than total Fe obtained by pumping sample from the
same nominal depth (25-40%). Lower arsenic concentrations were also noted in the unfiltered
reservoir than in the pumped samples, but the difference was less pronounced (2-10%). The
differences across sampling techniques may be due both to uncertainty in the sampling depth and
to exclusion of larger particles (e.g. deff> 10 ptm) by the filtration system because of its slower
intake velocity (-300 times slower). For calculations involving filtration data (Section 6.2), the
average unfiltered concentration from the two sampling techniques has been used. The
uncertainty in total Fe introduced by this averaging has an insignificant influence on our
conclusions concerning arsenic chemistry, as discussed below.
Measured iron size distributions showed excellent reproducibility throughout 1996 and 1997,
across replicates and in samples taken at the same depth throughout the season. On the whole,
As size distribution yielded consistent results over two seasons and at two depths: 10 of 13
filtration experiments demonstrated that As concentrations decreased with decreasing pore size,
similar to iron. In three experiments, all in 1996 (8/7/96 22m, 10/11/96 20 m, and possibly
10/30/96 20 m #3), the concentration in the 0.05 jim filtrate was comparable to or greater than
that in the 0.2 pm filtrate. Considering the consistent removal of significant amounts of Fe by
the 0.05 pm filter (5-10 pM) during these experiments, leaks or torn filters are unsatisfactory
explanations. Further, no differences in the bulk chemistry of the lake water that might cause
alterations in As size distribution were noted at these depths/dates. However, a blank filtration
run in early fall 1996 (in the laboratory using Milli-Q water) revealed As contamination of 2.5
and 5 nM in the 0.2 and 0.05 jim filtrates, respectively. Arsenic contamination on the order of 5
to 10 nM can explain the departures from the expected size distributions on these 3 dates, and
appears to be the most likely explanation in these early experiments.
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6. Discussion
6.1 Fe and As remobilization
The timing and extents of arsenic and iron remobilization in 1997 (Figure 2 A through H) are
consistent with past observations in UML [Trowbridge, 1995]. Large increases in the iron pool
in the deep waters in 1997, with only a fraction of this Fe measurable as Fe(II), suggests that
oxidation of remobilized Fe(II) to Fe(III)-oxides occurs even in the deepest waters, despite the
absence of oxygen. This is further confirmed by the prominent orange color of deep-water
samples, and the majority of Fe accumulating as particulate and colloidal material. Fe(II)
oxidation in the absence of oxygen requires that another oxidant controlled Fe cycling
throughout the several months of anoxia, a topic that is explored in detail in Chapter 4.
Despite anoxia, only a small fraction of total arsenic was measured as As(III). Considering
the low levels of Fe(II) and the presence of nitrate, thermodynamics does not predict an
important role for As(III) during 1997 (Chapter 6). As(III) measurements were carried out on
unfiltered samples, and the extent to which this technique would have measured sorbed As(III) is
unknown. Considering the predicted sorbing tendency of arsenite on HFO under fall conditions
in the UML deep hypolimnion (Section 6.3; with Fe(III) - 50 - 100 PM and pH ~ 6.7, 40-60%
sorbed), As(II)totai in the water column could be as much as 2.5 times greater than As(III)measured.
Even under this extreme assumption (i.e. no sorbed As(III) measured), arsenite comprised less
than 10% of the total remobilized As pool, unless an unaccounted for strong As(III)-complexing
solid was present. It therefore appears as though arsenic was either primarily remobilized as
As(V), or remobilized as As(III) and oxidized once entering the water column.
6.2 Particulate and colloidal Fe and As
The evidence from 1996 and 1997 in situ filtration experiments argues that the vast majority
of remobilized Fe remained particulate (including colloidal) throughout stratification and anoxia
(Figure 3 A and B). The low levels of measurable Fe(II) provide independent confirmation for
the minor importance of dissolved Fe, and support the conclusion that the measured dominance
of particulate Fe was genuine, rather than introduced through sampling/filtration artefacts.
Highly reproducible Fe size data across replicates (1996; Figure 4) and throughout two field
seasons (1996 and 1997; Figures 4 and 5), along with similar observations at two representative
hypolimnetic depths, provide strong evidence for the existence and persistence of colloidal Fe in
the hypolimnion throughout anoxia. These direct observations can be logically extrapolated to
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other hypolimnetic depths: differences between the 0.4 rim-filterable Fe and Fe(II) depth profiles
(Figure 2) argue that colloidal Fe was present throughout the deepest waters of the lake. The
significant colloidal Fe pool observed in UML is in agreement with observations made in
seasonally anoxic, eutrophic Lake Bret [DeVitre et al., 1988; Buffle, 1989; Pizarro et al., 1996]
and in other systems [Laxen and Harrison, 1981; Laxen and Chandler, 1983; Buffle et al., 1989;
Perret et al., 1994].
Observations of Fe and As cycling in UML, considered alongside known properties of Fe
and As chemistry, lead to the logical hypothesis that sorption by Fe(III)-oxides was controlling
arsenic chemistry at depths where significant levels of remobilized Fe and As accumulated.
Remobilized iron accumulated as Fe(III)-oxides in the water column. Arsenic was either
remobilized primarily as As(V), or remobilized As(III) was quickly oxidized upon entering the
water column. In natural waters, total arsenate and total arsenite can be distributed throughout
several pools, depending upon the affinity of each for available dissolved ligands and particle
surface-sites in solution. In non-sulfidic waters, aqueous complexes of arsenate and arsenite
with other dissolved constituents are thought to be insignificant [Cullen and Reimer, 1989].
Amorphous iron-oxides, however, strongly sorb inorganic arsenic, as demonstrated in laboratory
studies [Pierce and Moore, 1981 and confirmed under field conditions [Belzille and Tessier,
1991], and sorption equilibrium is established in hours [Pierce and Moore, 1981]. Thus,
authigenic, freshly-precipitated amorphous Fe(III)-oxides should quickly scavenge remobilized
As from the water column. The field evidence in UML supports this hypothesis. Particulate and
colloidal complexation dominate arsenic chemistry in the deep waters of UML throughout late
summer and fall stratification. In general, only 5 to 20% of total As was actually 0.05 Im
filterable at 20 and 22m after significant As and Fe remobilization had occurred. This value
represents an upper bound for aqueous As, since other dissolved As complexes and colloidal As
smaller than 0.05 im can not be ruled out. In addition, there is a strong spatial and seasonal
correlation between remobilized particulate-Fe and total As profiles in 1997 (Figure 5),
consistent with previous observations in UML [Trowbridge, 1995].
6.3 Surface complexation modeling (SCM)
6.3.1 Comparison of SCM with in situ filtration data
Surface complexation modeling provides further and quantitative confirmation of the
hypothesis that Fe(III)-oxides control As chemistry in UML through sorption of As(III) and
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As(V). A consequence of this hypothesis is that SCM should accurately predict the partitioning
of As between particulate and dissolved phases; i.e. sorbed As, as predicted by SCM, should be
approximately equal to the amount of As trapped by the 0.05 ptm and larger filters (neglecting
colloidal Fe/As smaller than 0.05 [tm). Agreement between [Tot Assorbed]scM and [Astotai > 0.05
plm]ineasured would suggest that Fe(III)-oxides were responsible for the majority of particle-
complexed As.
General model inputs are discussed in Table 2, and the actual input values tabulated in Tables
3 and 4. Total HFO was estimated as [total Feavg] - [Fe < 0.05 gm], where total Feavg is the
average of the unfiltered reservoir Fe concentration and the pumped Fe concentration. Using this
value as opposed to totalFepumped or totalFefiltsyst did not appreciably affect the model results
(A[Asaq] <0.6 nM). Because As(III) analyses were conducted on unfiltered samples, measured
As(III) (As(III)measured) likely consisted of As(III)aq plus some percentage of sorbed As(III).
Since it is not possible to quantify the degree to which As(III)sorbed was measured, SCM was
conducted assuming both extremes, i.e. As(III)measured = As(III)totai and As(III)mneasured =
As(III)aqueous.
At depths and dates of significant Fe and As remobilization (7/30/97 - 11/18/97 at 22 m and
9/4/96 - 11/20/96 at 20 and 22 in), SCM on HFO proves a good predictor of sorbed As (Figure
6; Tables 3 and 4). For 8 of 10 of these filtration experiments, modeled and measured As
sorption estimates were within 20%, and 7 of 10 were within 5-10%. For this well-matched
subset, SCM proved to be a substantially better estimator of sorbed As than 0.4 ptm filtration
(Figure 6). The fact that SCM did not systematically underpredict As sorption argues that
Fe(III)-oxides are the dominant As sorbent, and that other sorbents, while potentially present in
this system, exert only minor control over arsenic chemistry. SCM sorbed estimates show no
significant trend toward overestimating or underestimating measured As sorption in 1997,
suggesting that competing anions (phosphate) or substantially altered HFO surface properties
affected the system minimally. In the 1996 experiments showing good agreement between
modeled and measured As sorption, SCM slightly overestimates measured values (-10%, Figure
6; Table 4), but the modeled and measured estimates are well within the bounds of reasonable
uncertainty.
Of the remaining four filtration experiments, two were conducted in inactive Fe and As
remobilization zones at the time of collection (22 m 6/26/97 and 15 m 7/30/97). Because of this,
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lower levels of Fe and As were present, of which a significant portion was likely exogenic (i.e.
riverine input followed by settling). Iron and arsenic complexes other than As sorption on
freshly precipitated HFO (e.g. iron bound up in settling clay particles, As associated with settling
algae) could have had greater relative importance at these depths of lower Fe and As
concentration than at depths receiving recently-remobilized Fe and As. Therefore, 22 m 6/26/97
and 15 m 7/30/97 were not necessarily expected to show strong agreement between SCM and
measured sorbed As.
The other two experiments (20 m 10/11/96 and 20 m #2 10/30/96) were both expected to
demonstrate good agreement between measured and modeled sorbed arsenic, but [Tot
Assorbed]sCM was 1.8 to 2 times greater than [Astotai > 0.05 pm]measured. 20 m #2 10/30/96 was one
of two replicate filtrations; the other replicate showed reasonably good agreement between
modeled and measured sorption([Tot Assorbed]SCM/[Astota1 > 0.05 [Im]measured = 0.82). This
inconsistency across As replicates contrasted with the strong agreement between total Fe size
distributions on 20 m #1 10/30/96 and 20 m #2 10/30/96 (Figure 4C), argues that arsenic .
contamination (Section 5.2) may explain the disparity between the filtration replicates at this
date and depth. Similarly, the agreement between total Fe distribution for 20 m 10/11/96 and
other 1996 20 m filtrations suggests that As contamination in the final filtrate may also have
caused the 10/11/96 disagreement between modeled and measured sorption.
Conceptual models and supporting field studies of arsenic cycling in lakes have highlighted
the important role of Fe (Aggett and O'Brien, 1985; Cullen and Reimer, 1989; Ferguson and
Gavis, 1972; Trowbridge, 1995; Spliethoff et al., 1995). However, previous studies have not
accurately quantified the degree to which As is complexed by Fe in the water column. UML
measurements and model estimates of sorbed As suggest that 80-95% of remobilized As was
sorbed throughout stratification at the depths where significant Fe and As remobilization occurs
during two years of observation. Thus Fe is not only important to the cycling of As, but it
appears to dominate As cycling in this system.
These results also demonstrate that SCM of As on HFO provides a reasonable means for
estimating remobilized arsenic distribution between sorbed and dissolved phases in UML, and is
a substantially better predictor of sorbed As than 0.4 ptm filtration. The relatively simple set of
required lake system parameters - As(III)total, As(V)tota, Fe(III), pH, and ionic strength (Table 2)
- enhances the utility of SCM. Considering the difficulties in determining truly aqueous As
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species, particularly with the potential inaccuracy of obtaining such information from 0.4 ptm
filterable data, SCM may provide a more reasonable framework within which to interpret As
chemistry when high levels of Fe(III)-oxides are present in the water column of UML and other
lakes.
6.3.2 Uncertainty estimates
The error bars in Figure 6 represent uncertainty estimates in the measured and modeled
arsenic concentrations. Total As uncertainty is estimated to be -±10%, based on combined
method and replicate sample uncertainty. The calculated uncertainty for particle-complexed
arsenic, Assorb/meas, in the triplicate filtrations on 11/20/96 was only ±2%. However, uncertainty
in the 10/30/96 duplicate filtration was significantly higher (-±20%), although contamination
may have caused this apparent large uncertainty (Section 6.3.1). As a compromise, the error bars
for Assorb/meas represent an estimated uncertainty of ±15%.
SCM uncertainty is introduced through uncertainty in its numerous field data inputs, model
assumptions, applicability of lab-derived HFO sorption to natural HFO, and model
simplifications introduced for its current application (Table 2). Table 5 presents sensitivity
estimates of SCM predictions to uncertainty in certain model inputs based on average conditions
from 1997. Uncertainty in the concentration of total As(V) has the greatest impact on overall
SCM uncertainty (±10%). S042 forms complexes with HFO surface sites, and therefore under
certain conditions could compete with arsenic for surface sites; however within the expected
range of sulfate concentrations in UML ([SO 42 ] = 300 ± 200 pM) it has an insignificant impact
on arsenic sorption (Table 5). Varying ionic strength (through considering [Na'] = [Cl] = 3 ± 2
mM) also has an insignificant affect on arsenic sorption, as does the uncertainty in Fe(III)total.
The large relative uncertainty of As(III)total (±50%) used in this analysis translates into only a
small overall uncertainty in sorbed As (± 3%) because the system is dominated by the stronger-
sorbing As(V). Under conditions favoring As(III), this magnitude of As(III)totai uncertainty
could be important. Varying the intrinsic sorption constants over their 95% confidence interval
range also had little impact on total sorbed arsenic.
The lack of thermodynamic data (i.e. enthalpy, AH 0 ) in the literature for As sorption
reactions on HFO and for the acid-base reactions of HFO surface sites makes it impossible to
completely correct for temperature. However, to the extent that temperature affects can be
quantified (i.e. correcting the arsenate and arsenite acidity constants), conducting the SCM at
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25"C instead of the in situ temperature (-5*C) appears to introduce only moderate uncertainty
(5%). It should be emphasized, however, that without the simultaneous consideration of
temperature effects on all reactions relevant to As sorption, neither the quantity nor the direction
(i.e. resulting in more or less sorption) of the correction can be quantified.
The overall quantifiable uncertainty in predicted arsenic sorption is estimated to be
approximately 11% (overall uncertainty ~ (Sorbed, - Sorbedinia)2] )
There are additional uncertainties which can not be directly quantified with the current data
set, for example the affect of P0 43- and dissolved organic matter (DOM) through their
competition for and/or alteration of HFO surface sites. Both phosphate and As are released from
sediments during dissimilatory Fe(III) reduction. Although not measured during 1997, total
phosphate levels in the UML anoxic hypolimnion can be on the order of 5 PM [Abassi, personal
communication; MA DEQE, 1982]. When 5 M total P0 43- is included in the "average" SCM
example used in Table 5, nearly all of the phosphate is sorbed, taking up half of the available
HFO surface sites, and having the net affect of reducing total arsenic sorption by 40%. The
agreement between filtration experiment data and SCM outputs, however, suggests that
phosphate was relatively unimportant during 1996 and 1997. It is important to note, that when
major cations are considered in the SCM, the majority of phosphate is not sorbed by HFO.
Instead, more than 85% of 5 pM total P0 43 -precipitates as Mnl"IHPO4 (when total Mn+ = 40
pM). While it is not known whether MnHPO 4 precipitation actually occurred in UML, the
formation of this complex would explain why phosphate appears to have had little impact on As
sorption. Dzombak and Morel (1990) note that DOM can significantly alter HFO surface
properties in natural systems. Despite the potential importance of P0 4 3- and DOM, the general
agreement between predicted and observed particle-complexation of As in our filtration
experiments suggest that their influences were relatively insignificant in UML under the
conditions studied.
To reflect both quantifiable and unquantifiable uncertainties, SCM error bars in Figure 6
represent ±15% of sorbed As.
6.3.3 Extension to other depths
At depths having a significant portion of their Fe and As originating from remobilized Fe, the
above discussion and modeling exercise argues that As sorption on Fe(III)-oxides should control
As chemistry. It is therefore reasonable to apply SCM to other similar depths in the water
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column. SCM was used to model As(III) and As(V) distribution between sorbed and aqueous
phases over the bottom 9 m of the lake (Figure 6 A through C) using depth specific inputs. To
account for sorbed As(III) in the measured values, an average relationship for As(III)total was
used which assumed that half of sorbed As(III) was included in the measured value, i.e.:
[As(III)measured] = [As(III)aq] + 0.5 e [As(III)sorbed]
The concentration of HFO was estimated as [total Fe] - [Fe(II)].
SCM estimates an overwhelmingly dominant role for As(V)sorbed in the hypolimnetic water
column (Figure 7). However, despite the fact that As(V)totai >> As(III)total, As(III)aq dominated
the dissolved As pool, typically 10 to 100 times greater than As(V)aq. With increases in total Fe,
As(III)sorbed became an important component, representing 50-80% of As(III)totai below 20 m on
8/27/97 and 11/18/97. By 11/18/97, despite several months of anoxia, SCM predicts that greater
than 95% of total As remained complexed by Fe(III)-oxides in the bottom 9 m of the lake.
Measurements of 0.4 ptm filterable As ranged from 30 to 60% (avg. 45%) of total As (Figure 2)
during stratification and anoxia in 1997. Considering SCM estimates, 0.4 pm filterable As
values substantially overrepresent the amount of aqueous As present due to As sorption onto
Fe(III)-oxide colloids.
7. Conclusions and Implications
In an Fe-rich water column, our results stress and quantify the importance of iron cycling to
the cycling of As in the hypolimnia of seasonally anoxic lakes. SCM, confirmed by field
measurements, suggests that even modest levels of amorphous Fe-oxides (10 to 20 pM) will
complex the vast majority of As in the water column when As(V) is the dominant form of As.
Therefore, any process affecting iron redox chemistry will indirectly impact As cycling,
necessitating a thorough understanding of the iron cycle in UML. Further, because of the
differing affinities of As(III) and As(V) for Fe(III)-oxide surfaces, shifts in As redox chemistry,
even if Fe(III) and total As levels remain constant, will markedly alter the amount of aqueous As.
These observations led to the overall questions that the remainder of this dissertation aims to
address:
i) What controls the cycling of iron in the water column of UML, and specifically why
does iron apparently accumulate as particulate Fe(III) throughout several months of
anoxia?
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ii) What causes As to accumulate primarily as As(V) and what conditions in the water
column will initiate a shift in As(V) to As(III), thus rendering arsenic less particle
reactive and more mobile?
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Surface Complexation Modeling of As on HFO (after Dzombak and Morel, 1990)
As(III)
As(V)
molecular formula
Surface Area
Site Density
pKI,
9.29
6.96
2.24
Relevant inorganic arsenic acid-base chemistry
H3AsO 3  = H2AsO 3 + H+
H2AsO 4  = HAsO42- + H+
H3AsO 4  = H2AsO4 + H+
Avg. properties of HFO for SCM
Fe2O3 - H20 (89 g HFO/mol Fe)
600 M2 g
0.2 mole sites/mole HFO
HFO surface chemistry
[EFe-OH]ttal = [EFe-OH] + [=Fe-O- + [nFe-OH 2+] + E [=Fe-Ani] + E [uFe-Ci]
where:
Ani, Ci: sorbing anions and cations, respectively
As(III)
As(V)
Coulombic
correction
Surface complexation of As(III) and As(V)
EFeOH" + H3AsO 3" EFeH 2AsO 3"
=FeOH" + AsO43 + 3H+ = -FeH2AsO 4"
EFeOH" + AsO43 - + 2H = EFeHAsO4
EFeOH" + AsO43 + H+ = EFeAsO42
KaP = K" - exp(-AZ-F-T/(R-T))
+
+
+
+
H 20
H 20
H 20
H 20
(1)
log K'"'
5.41
29.31
23.51
10.58
(2)
where:
R, F, T: molar gas constant (8.314 J/mol-K), Faraday constant (96,485 C/mol), and temperature, resp.
AZ: anion charge
T: surface potential (volts)
General As complexation chemistry
[As(V) 1 al]= [As(V)aq] * (1 + E (Ky - [EFe-OH]) + E (Kv-si - [=S) + Y (Kv-i - [Li]))
[As(lII)mta]= [A5(III)aq] - (1 +,E (Kill * [FFe-Oll]) + E (K-si - [eSi]) + E (Km-u * [Li]))
(3)
(4)
where:
As(V)aq, As(III)q:
As(V)tot.1, As(III)total:
aqueous arsenate and arsenite concentrations
total concentrations of arsenate and arsenite in the system; based on field
measurements
EFe-OH: primary surface sites that exchanges with As(III) and As(V), calculated from Fe-
OHOtal by considering surface acid-base chemistry and competing surface ligands
Kv, Kill: apparent arsenate and arsenite equilibrium constants for sorption on HFO
uSj: surface sites of other particulate/colloidal material capable of sorbing As(V)
and/or As(III) (e.g. Al(OH) 3, clays, humic substances).
Kv-si, Ki-si: arsenate and arsenite equilibrium complexation constants for surface sites of other
particulate material
LI:
KV-U, KmI-i:
aqueous ligands for As(V) and/or As(III).
arsenate and arsenite equilibrium complexation constants for aqueous ligands
SCM of As chemistry
[uFe-OH]-= [EFe-OH]t1 a - [EFe-O] - [=Fe-OH+]
[As(V)t,,ta] = [As(V).q]scM (1 + E (Kv - [EFe-OH]))
[As(III)t.1o]= [As(III).q]scM (1 + Y (Kl - [EFe-OHT])
[As.abed]total = ( [As(V)qjscm * E (Kv - [EFe-OH] )) + ( [As(III).Jscm - E (Ki - [uFe-OH] ))
(5)
(6)
(7)
(8)
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Table I
Input parameters for SCM
Input Origin Comments
Na* = 3 mM sulfate complexes with aFe-OH (~10% of
Cl = 3 mM approx. lake concentrations tot -Fe-OH); Nae and C are the primary
S04 = 0.3 mM ions and are used to calculate ionic strength
pH ranged from 6.3 to 6.9, based on measured or estimate pH to be accurate to within 0.2interpolated values
Actual temperature at the depths modeled
T model run at T = 25' C was -5*C. Not possible to completely
correct for AT because of insufficient
thermodynamic data (see text).
[unf tot Fe], - [tot Fe<0.05pm]
total HFO or reproducibility of total Fe ±10%
[unf tot Fe], - [Fe(II)meas]z
- As(III)measured accurate to within ±50%;
- faq, the fraction of As(III) that was
As(III)measured/faq aqueous, was calculated from an initial
As(III)ta or iteration with MINEQL to estimate
As(III)measured As(III) sorption on HFO. This value
varied primarily as a function of total
HFO (0.7 to 0.3).
As(V)total [total As], - [As(III)totahz reproducibility of total As ± 10%
intrinsic equilibrium constants for As(III)
and As(V) sorption; there are three modeled best-fit values used for actual modeling;
Kv, K11  As(V) surface reactions and one As(III) 95% confidence interval values used to
surface reaction; estimate uncertainty (Table 5)
see Dzombak and Morel (1990)
Phosphate has the potential to significantly
influence As sorption since P0 43 has a high
affinity for HFO surfaces and may be
P0 43  none considered present at micromolar levels. No P0 43 data
is available, so its importance is tested
through the agreement between modeled
and measured sorption.
Dissolved DOM is known to alter surface properties of
Organic Matter none considered HFO. With the current data set it was not
(DOM) possible to quantify the uncertainty thatDOM could introduce.
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Table 2A
SCM of 1997 filtration data
Date Fe(LI)
(AM) pH
Measured
As(V)
(aM) (nM)
a 6/26/97 -22 m 4.7 6.79 2.9 a.5(7. la*)
b 7/30/97 - 15 m 1.8 6.42c 6.1 .6*)
(5.2)
c 7/30/97-22m 16.4 6.77c 39.1 5.24*)
61.4)
d 8/27/97 - 22 m 47.7 6.76c 75.7 6.4(10.1 )
e 11/18/97 -20 m 28.9 6.9 68.0 2.9
f 11/18/97 -22 m 42.7 6.9c 82.6 3.1
Column A - assuming As(II)meaud = As(II)tOtg
@Column B - assuming AsII)se = As(III)a
ameasured 48 hours after collection
b u.05 m filtrate not available
estimated/interpolated pH
*measured in unfiltered reservoir of filtration system
Modeled
As(IJI)aq
(nM)
A I
4.7
1.5
3.3
2.3
1.4
1.2
5.5
1.6
5.2
6.4
2.9
3.1
AS(V)aq
(DM)
(ASsorb)meas
(Assorb)SCM
A B A B
0.03 0.02 1.09 1.39
0.28 0.27 0.50 0.51
0.12 0.11 1.06 1.11
0.08 0.06 0.97 1.02
0.11 0.11 - -
0.09 0.08 0.98 1.01
Table 3
SCM of 1996 filtration data
Date
Measured
Fe(EIl)
(AM) pH
As(V)
(nM)
As(M)
(nM)
g 9/4196 22 m 48.4 6.25 43.9 4 .1'
h 10/11/96 20 m 37.8 6.5c 38.9 5 .8'
i 10 /30/96 20 m#1 42.0 46.6 3.2
6.65
j 10 /30/96 20 m#3 37.8 43.7 2.2
k 11/20/9620 m#1 30.8 51.6 4.8*
1 11/20/9620 m#2 33.7 6.65c 52.3 5.6*
m 11/20/96 20 m #3 32.6 52.9 5.0*
Modeled
AS(IH)aq
(nM)
A B
1.8
2.8
1.3
1.0
2.4
2.7
2.5
4.1
5.8
3.2
2.2
4.8
5.6
5.0
As(V).q
(nM)
(Assorb)meas
(Assorb)SCM
A B A B
0.10 0.09 0.94 0.99
0.08 0.06 0.52 0.57
0.06 0.05 0.84 0.88
0.06 0.06 0.65 0.67
0.10 0.09 0.92 0.96
0.09 0.08 0.92 0.96
0.10 0.09 0.91 0.96
&Column A - assuming As(I)measnrei = As(III),,aj
@Column B - assuming As().dasure, = As )aq
i0.4 gm filtered sample
*analyzed 1 week after collection but maintained cold and anoxic (in filter reservoirs)
*indicates possible contamination
estimated/interpolated pH
Table 4
Uncertainty estimates for SCM considering average 1997 conditions
predicted predicted predicted Effect of uncertainty on
parameter Uncertainty sorbed sorbed total predicted As sorption
changed considered for input As(I) As(V) sorbed Sorbed a
parameters (nM) (nM) (nM) Sorbedll1 tia,
initial cond - - 2.9 49.9 52.8 -
+ 10% 3.0 49.9 52.9 1.002
Fe(III)
- 10% 2.8 49.9 52.7 0.998
+ 10% 2.9 54.9 57.8 1.094
- 10% 2.9 44.9 47.8 0.905
+ 50% 4.4 49.9 54.3 1.027
As(III) 
-50% 1.5 49.9 51.4 0.972
+ 0.2 2.8 49.9 52.7 0.997
pH
- 0.2 3.0 49.9 52.9 1.002
T AT = -20C 0.5 49.9 50.4 0.955
+ 66% 2.8 49.9 52.7 0.998
SO42 -
-66% 3.0 50.0 53.0 1.004
+66% 2.9 49.9 52.8 1.000
Na and Cl-
- 66% 2.9 49.9 52.8 1.000
con 5in rval 2.9 50.0 52.9 1.002
K__ _-95%con. rvaI 2.9 49.8 52.7 0.998
%conf inrval 3.3 49.9 53.2 1.008
5confintrval 2.5 49.9 52.4 0.992
aRatio of (sorbed As after changing single parameter) to (sorbed As at initial conditions)
bInitial conditions (i.e. no change) used for this set of modeling runs was:
[Fe(III)]=40 pM, [As(V)]=50 nM, [As(III)]=5 nM, pH=6.7, T=250C, [S042]= 200 LM,
[Na'] = 3 mM, [Cl-]= 3 mM, Kv and K11 - see Dzombak and Morel (1991)
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Table 5
FIGURES - Chapter 2
Figure 1 Schematic of the in situ serial filtration system.
Figure 2 Depth profiles of Fe and As. A-D) total Fe, 0.4 ptm filterable Fe, and Fe(II); E-H)
total As, 0.4 [tm filterable As, and As(III)measured. NOTE: varying scale.
Figure 3 In situ filtration size distribution at 22 m in 1997 (and 20 m 11/18/97): A) total
Fe; B) total As; C) total Mn.
Figure 4 In situ filtration size distribution in 1996: A) 22 m total Fe; B) 22 m total As; C)
20 m total Fe; D) 20 m total As.
Figure 5 Total As vs. Fe(III) from 1997 depth profiles. Each point represents a total-
Fe:total-As depth pair.
Figure 6 Total As, measured particle-complexed As (i.e. As with deff > 0.05 pm;
ASsorbed/meas), SCM sorbed As (Assorbec/SCM), and total As larger than 0.4 pim (As >
0.4 jim) for 1996 and 1997 filtration experiments. SCM estimates are averages of
Columns A and B from Tables 3 and 4.
Figure 7 Surface complexation modeling (SCM) output of As(III) and As(V) distribution
between sorbed and aqueous phases for the UML hypolimnion in 1997. NOTE:
log scale.
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Chapter 3 Design and operation of an in situ serial filtration system for size
fractionation of trace metals in anoxic lake water
Abstract
Previous work in Upper Mystic Lake (UML; Winchester, MA) found that approximately
50% of Fe and As, remobilized from the hypolimnetic sediments during anoxia, was 0.45 [tm
filterable (i.e. filter-passing). It was hypothesized that portions of this 0.45 ptm filterable (i.e.
filter-passing) Fe and As were actually colloid-associated as opposed to dissolved. An in situ
serial filtration system was designed to test this hypothesis. The filtration system minimizes
opportunities for filtration artefacts by filtering in situ, rigorously maintaining anoxic conditions
during filtration, utilizing serial filtration (i.e. filtration in series with successively smaller pore
size filters), and filtering at low flow rates (2.5 ml/min). The system has no pump; rather it relies
on a differential between hydrostatic pressure and internal N2 pressure to push water through a
series of filters at a flow rate that is accurately controlled by adjusting the flow rate of exiting N2
gas. The filter holders, holding either 0.4 pm, 0.2 pm, or 0.05 pm polycarbonate membrane
filters, are connected in series and arranged in a compact horizontal triangle for easy deployment.
Filtrates are collected in PVC reservoirs (-70 mL) following each of three filters, along with an
unfiltered sample at the inlet to the system. The total internal volume of the system is
approximately 450 mL, and roughly 300, 200, and 100 mL of lake water passes through the 0.4,
0.2, and 0.05 pm filters, respectively, minimizing the potential for clogging. Using this
technique, during fall stratification, 90% of the hypolimnetic As and Fe were found to be particle
associated (-40% having 0.4 pm>deff >0.05 pm), indicating a continued dominance of oxidized
Fe despite 3 months of hypolimnetic anoxia.
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1. Introduction
1.1 Obtaining particle and trace metal size fractionations in natural water samples
Perturbations during sampling, storage, and filtration can alter the size distribution of
particles and associated trace metals [Buffle et al., 1992]. The removal of a sample from its
surrounding water cuts it off from the production of new colloidal material, but allows for the
continuation of aggregation processes, thus shifting the size distribution of the particulate matter
toward larger size fractions [Laxen and Chandler, 1982; Laxen and Chandler, 1983; Buffle and
Leppard, 1995]. Further, rapid oxidation of dissolved Fe(II), due to the introduction of oxygen
into a previously anoxic sample, can cause the precipitation of Fe'"(OH)3 and a shift between
dissolved and particulate fractions before or during filtration [e.g. time for 25% of Fe2 + to be
oxidized abiotically in 20"C water at pH 7.5 is -30 min for 1% air saturated solution; Stumm and
Morgan, 1996]. The presence of Fe(III)-hydroxides can enhance abiotic Fe2+ oxidation rates
[Tamura et al., 1980], as can the presence of natural organic matter at low dissolved oxygen
concentrations [Liang et al., 1993]. In addition, microbial oxidation of Fe2 + may significantly
augment abiotic kinetics at low dissolved oxygen concentrations [Emerson and Revsbech, 1994].
Immediate filtration in the field is thus a necessary step for minimizing filtration artifacts, but
it may not be sufficient. Buffle et al. (1992) show that water fluxes greater than ca. 0.02 ml cm 2
min', which are necessary to collect reasonable filtrate sample volumes by field syringe
filtration, may enhance retention processes at the filter surface. This enhanced retention can shift
measured size distributions to as much as an order of magnitude larger apparent particle sizes
[DeVitre et al., 1987]. In addition, a significant fraction of 0.45 or 0.4 pm filterable (i.e. filter-
passing) material can be colloidal [Laxen and Harrison, 1981; Laxen and Chandler, 1983; Buffle
et al., 1989; Perret et al., 1994]. Determining the colloidal fraction is difficult because what is
measured as filterable also depends on the amount of water that has passed through the filter
and/or the particulate load of the water; a filter's efficiency increases (i.e. its nominal pore size
decreases) as more particulate matter accumulates at the filter surface [Buffle et al., 1992;
Horowitz et al., 1996].
Recognizing the above difficulties, Buffle et al. (1992) suggest that the following guidelines
be followed if filtration is to be used as a method for determining size distribution of trace
metals:
0 Filter in the field and minimize perturbations;
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* Maintain anoxic conditions during and after filtration for anoxic waters; and, for easily
perturbable waters, filter at depth;
* Use low flow rates (the equivalent of 0.02 ml cm 2 min' or less);
* Utilize cascade or serial filtration (i.e. filtration in series with successively smaller pore size
filters);
* Use polycarbonate membrane filters (e.g. Nuclepore, Poretics) with well-defined pore sizes;
Buffle et al. (1992) also suggest the use of a stirred cell to reduce the thickness of the diffusion
layer, although they acknowledge that data comparing stirred vs. unstirred cells are inconclusive,
possibly because the perturbations introduced through stirring increase aggregation and offset
gains from having a thinner diffusion layer.
DeVitre et al. (1987) describe an in situ filtration system that meets the above criteria by
actively displacing water at low flow rates through a cascade of filters of successively smaller
pore sizes using pneumatic pistons controlled by valves and electronic switches. Due to the
specialized components required, that approach was not feasible in the present study, particularly
because several filtration devices were desired. Instead, we determined size distributions of
particle associated Fe and As using a passive in situ serial filtration apparatus that provides
controlled, low flow rates, while rigorously maintaining anoxic conditions. Using commercially
available components, and made of plastic for trace metal work, the apparatus is easily
constructed, and compact and light enough (- 10 kg) to be deployed by one person from a
rowboat.
1.2 Field site: Upper Mystic Lake (Winchester, MA)
The Upper Mystic Lake, a eutrophic, dimictic, kettlehole lake (zmax = 24 m; zavg= 15 m;
Asurface - 50 ha; V = 7x10 6 in3) in eastern Massachusetts, has received inputs of ca. 104 kg of
arsenic and similar amounts of other toxic metals due to upstream industrial activity during the
past century [Aurilio et al., 1995; Hemond, 1995; Spliethoff and Hemond, 1996]. This
productive lake has a large hypolimnetic oxygen deficit, with an onset of anoxia in mid-July
[Aurilio et al., 1994]. During hypolimnetic anoxia, arsenic and iron are remobilized from the
sediments, and a strong association between arsenic and iron accumulation has been
demonstrated during this time [Spliethoff et al., 1995; Trowbridge, 1995].
By mid to late fall in the UML, hypolimnetic Fe and As levels increase to 10 to 100 times
their concentrations under oxic conditions (final concentrations of 10's to 100's of pM and 10's
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to 100's of nM for Fe and As, respectively) [Chapters 4 and 6 of this work; Spliethoff et al.,
1995; Trowbridge, 1995]. Approximately 50% of this hypolimnetic Fe and As are typically
filterable (smaller than 0.45 ptm) [Trowbridge, 1995], as might be expected after prolonged
anoxia. At circumneutral pH, dissolved Fe(III)T is usually maintained at subnanomolar levels by
precipitation of Fe'"(OH)3 s, while Fe(II)T is soluble (in the absence of sulfide) up to 100's of
micromolar [Morel and Hering, 1993]. Thus, it is sometimes assumed that filterable iron is
primarily Fe2+ [e.g. Balistrieri et al., 1992].
In 1994 in UML, for example, after several months of anoxia, the pe (at pH 6.8) calculated
from the Fe2+/Fe(OH) 3 amorphous redox couple (pe" = 16.0; Morel and Hering, 1993) was
approximately 0, assuming 0.45 ptm filterable iron to be mostly Fe2+ and non-filterable iron to be
amorphous Fe(OH)3 (Trowbridge, 1995). At this pe, more than 80% of As should be As(III)
(Sadiq, 1990). However, hypolimnetic arsenic was been found primarily (>85%) in the +V
oxidation state (Trowbridge, 1995). Similar As(V) dominance was observed in previous years
[Aurilio et al., 1994].
This contradiction might be explained by slow abiotic or biologically mediated reduction of
As(V), as has been previously suggested for this system (Aurilio et al., 1994). An alternative
hypothesis is that the hypolimnion, despite the long period of anoxia, remained significantly
more oxidizing than inferred from the ratio of filterable to non-filterable iron, as could be the
case if most of the filterable iron were colloidal Fe(III) rather than Fe2+. To examine this second
hypothesis a method of particle filtration, free from the numerous possible artifacts, was needed.
2. Methods
2.1 Description of the in situ serial filtration system
The filtration apparatus (Figure lA) relies on hydrostatic pressure to push water through a
cascade of filters at a rate that is accurately controlled by adjusting the flow rate of exiting N2.
Water samples (70 ml) are collected ahead of and following each of three filters, all the while
maintaining anoxic conditions and in situ temperatures. The filter holders are mounted
horizontally, sandwiched between two 0.6 cm thick polycarbonate sheets (60 cm on a side) that
are bolted together with threaded PVC tubing (Fig. IB). The filter holders (144 mm
polycarbonate, Geotech) are connected in series, each holding a 0.4 Pm, 0.2 pm, or 0.05 pm
polycarbonate membrane filter (Nuclepore). A PVC ball check valve is used as the inlet to the
filtration system. Filtrate reservoirs of 70 ml volume are constructed of PVC with PVC
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stopcocks on each end. High density polyethylene tubing (0.3 cm i.d.) is used to connect filtrate
reservoirs to subsequent filter holders. All fittings are of polycarbonate, nylon, vinyl, or PVC.
The total internal volume of the system is approximately 450 mL. Approximately 300, 200, and
100 mL of lake water passes through the 0.4, 0.2, and 0.05 tm filters, respectively, minimizing
the potential for clogging
With this configuration, particles excluded by filters are not retained within the
corresponding upstream water sample volume; the tubing and/or fitting connecting each
reservoir with its downstream filter holder carries water at a velocity of at least 10-30 cm/min,
against which excluded particles can not diffuse back to the reservoir volume. This is an
advantage as it eliminates the need for corrections to account for particles that are excluded by a
filter yet remain within an upstream sample volume [e.g. DeVitre et al., 1987].
The controls at the surface consist of a pressure gauge (0 to 400 kPa) and gas flow meter (0
to 15 ml N2 per minute) along with needle valves for connecting/isolating parts of the system
during pressurization, deployment, equilibration, and retrieval of the sampler.
2.2 Sampling Procedure
All parts of the filtration system (with the exception of the filters) that contacted filtered
water were acid soaked (24 hours, 1 N HCl) and rinsed with ultrapure water (MilliQ) prior to
deployment. To rigorously exclude oxygen, the filter holders, reservoirs, filters, tubing and all
fittings were stored under nitrogen in a glove box (>24 hrs) to allow for diffusion of oxygen from
the plastic parts. After the system was partially assembled within the glove box, it was removed
and assembly was quickly completed. The system was checked for leaks and continuously
purged overnight (-12 hours) with prepurified N2 (02 < 1 ppm) until departure for the field.
(Note: Storing and assembling the components in the glove box may be an unnecessary step,
with purging for a sufficient period after assembly probably being sufficient for most purposes.
We used the glove box for completeness in addressing all possibilities of oxygen contamination.)
To collect samples, the pressurized sampler was slowly lowered to the desired depth in the
water column. Because these particular filter holders prohibit the application of pressure
differences greater than 140 kPa between inside and outside, the pressure inside the sampler was
maintained at approximately 100 kPa greater than the hydrostatic pressure of the water column
during descent, both protecting the filter holders and prohibiting water from forcing open the ball
check valve. At ~2 m above the desired sampling depth, the equilibration tube was flushed with
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N2 (Table 1) to eliminate water that had been forced into the tube during the sampler's descent.
The sampler was then lowered to the depth of interest and the pressure within the sampler was
equilibrated with the hydrostatic pressure of the water column (Table 1). Pressure equilibration
opens the ball check-valve and allows water to enter the sampler, but prevents actual filtration
because the equilibration tube outlet is positioned below the 0.4 prm filter. Filtration was
initiated by adjusting the gas flow meter to the necessary N2 flow rate, calculated as:
QN2 = Psys/Patm * w
where QN2 = flow rate of N2 leaving the system
QW = desired water flow rate through the system (-2.5 ml min-)
Psys = absolute sampler pressure (depth dependent).
Patm = absolute atmospheric pressure (-101 kPa)
For example, with the sampler lowered to 20 m (Py, = 290 kPa), the N2 flow rate was set to 7.3
ml/min to allow water to enter at a rate of 2.5 ml min'. The N2 flow rate requires occasional
adjustment to account for changes in Psys during filtering.
When filtration was complete (t - 3 hrs, signaled by a fast rate of pressure decrease; see
discussion below), the gas flow was turned off and the sampler retrieved. At the surface, filtrate
reservoirs were closed and the reservoirs were removed and placed on ice. Filtrate reservoirs
were kept sealed and maintained on ice until analysis.
2.3 Chemical Analyses
Subsamples for total As were acidified with HCl, spiked with a prereducing reagent (KI and
ascorbic acid), and stored at 4"C until analysis by hydride generation atomic fluorescence
(HGAF), modifying the methods of Andreae (1977) and Aurilio et al. (1994) for use with a
continuous hydride generation system (Excalibur, PSA Analytical). The remainder of the
samples were acidified to 5% HNO 3 and stored at 4"C until analysis for total Fe by graphite
furnace atomic absorption (GFAA) after dilution. Concentrations of Tot Fe and Tot As were
measured in the unfiltered sample as well as the filtrates of the 0.4, 0.2, and 0.05 pm filters.
3. Results
The sampler was deployed in the UML hypolimnion several times during summer and fall
stratification of 1996. A typical plot of gauge pressure vs. time (Figure 2) is as expected, with
sharp (albeit slight) drops in pressure at points A and B, when the lake water descended from the
top of one filtrate reservoir to the lowest point in the downstream tube (a drop of roughly 50 cm
66
or equivalent to 5 kPa). (Approximately 3 mL of water must flow during this short period to
reequilibrate the pressure in the sampler with hydrostatic pressure. Although this elevated flow
rate (-40 ml' min-) exceeds the low flow rate otherwise achieved, it occurs over a very short
time period and represents less than 1% of the total volume filtered.) The decline in pressure
beginning at point C is expected on the basis of head loss from water flowing through the 0.05
pm filter. Because the total pressure decrease associated with the 0.05 pm filter is only 10 kPa,
the amount of clogging that occurs is minimal. The very abrupt pressure drop after 160 minutes
signals the completion of filtration, and results from water rising out of the 0.05 pm filtrate
reservoir and traveling rapidly up the small diameter (0.3 cm i.d.) tube, causing a large rate of
pressure change.
To test reproducibility, a simultaneous deployment of three identical filtration systems was
made at a depth of 20 m on Nov 20 1996. On this date, the waters deeper than 15 m had been
anoxic (below detection limits of ca. 0.1 mg/l 02) for more than 3 months. Throughout the 1996
field season, no sulfide was detected by odor. The total Fe and total As concentrations
measured in each of the filtrates are shown in Figs. 3A and 3B. The calculated particle size
distributions (for total Fe and total As) are shown in Figs. 3C and 3D (e.g. to estimate 0.4 pm>
deff>0.2 pm, the concentration in the 0.2 pm filtrate was subtracted from the concentration in
the 0.4 pm filtrate). Nearly 95% and 90% of the total Fe and total As, respectively, were
associated with particles with effective diameters larger than 0.05 pm on Nov 20 1996; in
addition, more than 40% of the particle-associated Fe and As were smaller than 0.4 pm. The
variance in calculated size fractions among the three replicate samplers was very small, despite
the fact that system #1 filtered at a rate in excess of design due to extra N2 venting at an
unknown rate from a leak at the surface. This latter result suggests that the design flow rate of
2.5 ml/min was slower than necessary for the conditions encountered in the UML, and that time
could be saved by adjusting N2 venting to achieve higher filtration rates.
The filtration system was field tested in 1996 and used throughout 1997 (Chapter 2). Total
iron measured in the unfiltered sample reservoir of the filtration system was systematically lower
than total Fe obtained by pumping sample from the nominal depth (25-40%). Lower arsenic
concentrations were also noted in the unfiltered reservoir than in the pumped samples, but the
difference was less pronounced (2-10%). A portion of the difference in Fe concentrations could
have resulted from uncertainty in the sampling depth across collection techniques. However, this
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can not explain all of the variability, since arsenic would have been similarly influenced,
considering the comparable As and Fe concentration gradients (Chapter 2). An alternative
explanation is that larger particles (e.g. deff> 10 im) were excluded from the unfiltered reservoir
because of the slow intake velocity of the filtration system relative to the pump. Larger Fe
particles have less surface area than the same mass of smaller particles, thereby sorbing
proportionately less As. This mechanism would disproportionately affect total Fe in the
unfiltered reservoir.
4. Discussion
Results from the in situ filtration system demonstrate that the majority of 0.4 pm filterable Fe
and As was particulate in nature. The Fe size distribution measured in the UML was similar to
that measured in the anoxic, but nonsulfidic, waters of Lake Bret [DeVitre et al., 1988; Buffle et
al., 1989], in which transmission electron microscopy (TEM) observations showed that the
majority of particulate Fe occurred as amorphous particles ranging in size from 0.04-0.3pim,
present as individual particles, as tight aggregates (0. 1-1.0pim), or as loose clusters (0.5 up to 10
pm). Laxen and Chandler (1983) also provide evidence, in both laboratory and field (a river and
a seasonally stratified lake) systems, of stable particle size regimes between 0.05 and 0.4 pm..
Iron and arsenic size distributions similar to those measured on Nov 20 1996 were found in
the UML hypolimnion in the fall of 1997 (Chapter 2). Throughout anoxia of 1996, 1997 and
1998, the distinct orange color of the deepest water (depth > 19 m) and of the filters used for
filtration (1996 and 1997, in particular the 0.4 pm filter) suggested the presence of Fe(III)-
oxides, further supporting the hypothesis that even in the deepest anoxic waters, late in the
season, Fe(III) was important. Because [total Fe <0.05 pim] contains all dissolved Fe (including
complexed Fe(II) and Fe(III)) and colloidal Fe smaller than 0.05 Pm, it represents an upper limit
on dissolved [Fe2 ,].
The question remains of why particulate Fe dominates in this system. Davison and Woof
(1984) found in the anoxic water column of Rostherne Mere (U.K.) that Fe(III) concentrations
remained relatively constant throughout the year. They attributed the apparent lack of Fe
remobilization or reduction to be a result of a large pool of oxidants that yield more energy than
Fe(III) during anaerobic respiration (i.e. Mn(IV) and N0 3 ). By contrast, in the UML, Fe is
strongly remobilized from the sediments (in 1997, more than 104 moles of Fe(III) accumulated
below 20 m during anoxia). The iron accumulating in the hypolimnion must, for the most part,
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have been initially remobilized as soluble Fe(II) (c/f Davison, 1993). The dominance of Fe(III)
means that Fe(II) must be oxidized to Fe(III) in the anoxic water. An electron balance of the
UML hypolimnion strongly suggests that nitrate reduction accounts for the majority of this iron
oxidation. The mechanisms and implications of this for the cycling of As and Fe in UML are
discussed in Chapters 4 and 6.
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Procedure for deploying and operating in situ serial filtration system
a) Purging equilibration tube
step 1 Close V3 to maintain the over-pressure in the sampler
step 2 Open V2 (connected to the equilibration tube)
Pressurize and force water out of the equilibration tube with N2 by opening VI
step 3 (connected to the field canister of N2). Allow N2 to flow slowly into the equilibration
tube until the pressure stabilizes
step 4 Close V2, reisolating the equilibration tube
step 5
step 6
Open V1 to repressurize the control panel to the pressure of the sampler, and then
close V1
After the purging is complete, reopen V3 and lower the sampler to the depth of
interest
b) Equilibrating pressure in sampler with hydrostatic pressure
step 1 Shut off V1. Slowly open V2, allowing N2 to flow out of equilibration tube.
step 2 When pressure stabilizes close V2
c) Filtration
step 1 Adjust precalibrated gas flow meter to proper N2 flow rate, calculated by equation (1)
step 2 Continually monitor filtration system pressure and adjust flow rate accordingly.
Upon completion of filtration, close the gas flow meter valve, and retrieve sampler,
step 3 gradually adjusting the pressure within the sampler to maintain - 100 kPa
overpressure.
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Table 1
FIGURES
Figure 1 A) Schematic of the in situ filtration system. Note that the instrument is not
drawn to scale. During deployment, the filter holders are arranged in a horizontal
triangle, held in place between two triangular polycarbonate sheets, 60 cm to a
side, with a total height of approximately 70 cm (from bottom of check valve to
top of HDPE tubing). B) Photograph of the in situ filtration system
Figure 2 Typical pressure vs. time data for in situ filtration at 20m (7/23/96). See text for
description of points A, B, C, and D.
Figure 3 A and B) Concentrations of total Fe (pM) and total As (nM) measured in the
unfiltered, 0.4 pm, 0.2pm, and 0.05pm filtrates of Samplers 1, 2, and 3 at 20 m on
Nov 20 1996. C and D) Size distribution of total Fe (pM) and total As (nM) on
Nov 20 1996 for Samplers 1, 2 and 3 (calculated from data in A and B)
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Chapter 4 Coupled N and Fe cycling in the hypolimnion of a dimictic, N- and
As-polluted lake: 1. Field study
Abstract
In arsenic-contaminated Upper Mystic Lake (UML; Winchester, MA), remobilized iron
appears to complex more than 85% of remobilized arsenic in the hypolimnion (Chapter 2).
Understanding arsenic cycling in this system, therefore, required an accurate, mechanistic model
for the cycling of Fe. However, the classical Fe cycle model that distinguishes between oxic and
anoxic conditions has proven insufficient towards explaining observed Fe redox chemistry and
cycling in UML's seasonally anoxic hypolimnion: remobilized Fe accumulates and persists
primarily as particulate Fe(III) throughout several months of anoxia. To satisfactorily explain
the observed Fe chemistry, we reasoned that an oxidant other than oxygen was responsible for
controlling remobilized iron chemistry in this system, and that the anoxic production of
amorphous Fe("')-oxide particles allowed for continued sorption dominance of arsenic chemistry
in the water column of UML. It was hypothesized that nitrate was oxidizing remobilized Fe(II)
considering: i) the thermodynamic feasibility of Fe(II)-oxidation by nitrate; and ii) recent
evidence in the literature for the biological mediation of this reaction. To test this hypothesis,
field and laboratory investigations were coupled to assess the importance of Fe(II) oxidation by
nitrate at the field scale, as well as characterize its mechanisms (e.g. abiotic vs. biologically
mediated) through controlled laboratory experiments with UML hypolimnetic water. Controlled
microcosm experiments are described in Chapter 5.
High levels of exogenic nitrate and ammonium input ([NO3prestratification ~ 60 - 90 VM), along
with authigenic nitrate production through nitrification (increasing the initial hypolimnetic nitrate
pool by 150% while consuming -40% of hypolimnetic oxygen), hastened the onset of anoxic
conditions and allowed nitrate to persist as the dominant electron acceptor throughout several
months of anoxia. Nitrate did not prevent Fe remobilization. Instead, anoxia marked the onset
of iron release from the sediments, but iron accumulated in the water column as predominantly
Fe(III) for several months. Shifts in iron redox chemistry from a predominance of Fe(III) toward
Fe(II) were correlated spatially and temporally with nitrate depletion in the water column. A
distinct Fe(III) peak formed in the water column during 1999 at a depth coincident with the
nitrate-rich/nitrate-depleted interface, analogous to the Fe(III) peak predicted to form at the oxic-
anoxic interface in lakes exhibiting the classic Fe cycle model. Mass balance estimates indicate
that nitrate is required to explain a minimum of 75% of estimated Fe(II) oxidation during late-
summer and fall anoxia of 1997, 1998, and 1999. Based on these observations, we argue that, in
nitrogen-contaminated lakes, iron cycling may be controlled by both nitrate and oxygen, as
opposed to oxic vs. anoxic conditions alone.
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1. Introduction
Iron-oxide particles are abundant in natural waters and their surfaces scavenge phosphate and
a variety of trace compounds from solution [Davison, 1993; Dzombak and Morel, 1991;
Sholkovitz and Copland, 1982]. The settling of particulate Fe(III) can thereby act as an
important sink for sorptive chemicals from the water column of lakes [e.g. Sigg et al., 1987;
Sholkovitz and Copland, 1982; Davison, 1993]. While oxidized iron (ferric iron, Fe(III)) forms
highly insoluble oxide complexes at circumneutral pH in natural systems, reduced iron (ferrous
iron, Fe(II)) tends to be highly soluble (in the absence of S(-II) and high CO32 -) [Morel and
Hering, 1993]. Therefore insights into the mechanisms of Fe(III) reduction and Fe(II) oxidation
enhance the lake-scale understanding of eutrophication and trace metal transport processes.
Oxygen is the most ubiquitous and abundant oxidant in natural waters. Its ready
replenishment by equilibration with the atmosphere and high energy yield in redox reactions
allow it to play a determinative role in important elemental cycles in lakes (e.g. C, P, Fe, Mn, N,
S) [Wetzel, 1986]. In a conceptual model of Fe cycling in seasonally anoxic lakes, supported by
numerous field studies, oxygen depletion in the hypolimnion initiates dissimilatory reduction of
particulate Fe(III)-oxides in the sediments, resulting in aqueous Fe(II) remobilization to the
water column (Davison, 1993). Oxygen again exercises control over the Fe cycle by oxidizing
upward diffusing Fe(II) at the oxic/anoxic interface, leading to the reprecipitation of Fe(III)-
oxides in the water column. Aggregation and settling returns Fe(III)-oxides (and sorbed
constituents) back to the sediments, completing one cycle rotation.
As part of a larger study aimed at understanding arsenic cycling in arsenic-contaminated
Upper Mystic Lake (UML; Winchester, MA), we explored the cycling of iron in the seasonally
anoxic hypolimnion. Previous work noted strong correlations between remobilized Fe and As
depth profiles (Trowbridge, 1995). Initial observations in the current study found that
remobilized arsenic chemistry was dominated (>85%) by sorption on the surfaces of Fe(III)-
oxides (Chapter 2). Therefore, understanding arsenic cycling in this system required an accurate,
mechanistic model for the cycling of Fe.
However, distinguishing between oxic and anoxic conditions in the hypolimnion UML
proved insufficient towards explaining observed Fe redox chemistry and cycling. Oxygen
depletion in the bottom waters does apparently trigger Fe release from the sediments. However,
oxygen is unable to explain the observed accumulation and persistence of primarily Fe(III) in the
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water column throughout several months of anoxic conditions (Chapter 2). To satisfactorily
explain the observed Fe chemistry, we reasoned that an Fe(II) oxidant other than oxygen must
govern remobilized Fe redox chemistry, and that the ongoing production of amorphous Fe("'-
oxide particles during anoxia allowed for continued sorption dominance of arsenic chemistry in
the water column of UML. We hypothesized that nitrate oxidized remobilized Fe(II) in UML,
based on this reaction's thermodynamic favorability and recent observations in the literature of
microbially mediated coupled Fe(II)-oxidation/nitrate-reduction [Straub et al., 1996; Benz et al.,
1998]. Other authors have invoked nitrate or settling Mn(IV)-oxides to postfacto explain
observations of Fe(II) oxidation in excess of that which can be accounted for by oxygen in
seasonally anoxic lakes [DeVitre et al., 1988; Davison, 1993; Belzille et al., 1996]. Thus far,
though, no studies have systematically tested the hypothesis that nitrate oxidation of Fe(II) can
dominate Fe cycling in suboxic/anoxic water columns of lakes.
Field and laboratory studies were combined to explore the N and Fe cycles in UML over the
course of three field seasons. This chapter presents observations at the field scale demonstrating
an important role for nitrate in the cycling of Fe. The results from controlled microcosm studies
are presented in Chapter 5.
2. Background
2.1 Fe cycling in seasonally anoxic lakes
Davison (1993) describes a conceptual model for the cycling of Fe in seasonally stratified
lakes (Figure 1), and summarizes supporting evidence from numerous field studies. According to
this model, upon stratification and depletion of oxygen in a lake's bottom waters, Fe(III)-oxides
in the sediments become the highest energy-yielding electron acceptor for anaerobic respiration.
Respiratory dissolution of sedimentary Fe(III)-oxides releases Fe(II)aq and sorbed constituents
into the water column [Lovley, 1991], and Fe(II)aq diffuses until encountering a suitable oxidant.
Reoxidized Fe(II) precipitates as amorphous Fe(III)-oxides. The generalized model forecasts
that peaks in particulate and dissolved iron grow and gradually move upwards in the water
column as anoxic conditions develop at shallower depths. Fe(II) remobilization from lateral
sediments, followed by fast (relative to vertical turbulent diffusion) horizontal dispersion may be
as or more important than Fe(II) from bottom sediments during certain time periods [Belzille et
al., 1996]. The shape, size, and relative position of these peaks represents a balance between
several processes: remobilization and diffusion of Fe(II) from the bottom and lateral sediments,
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and relatively fast horizontal dispersion (horizontally well-mixed); vertical turbulent diffusion;
presence of oxidants and kinetics of Fe(II) oxidation by that oxidant; aggregation and settling of
particulate Fe(III)-oxides; and dissolution of settling particulate Fe(III). Oxygen is typically
cited as the oxidant for Fe(II) in lakes because of the fast kinetics of this reaction (e.g. ti, 2 - 30
minutes at pH = 7, Po2 = 0.2 atm; Davison and Seed, 1983), and oxidation of Fe(II) is generally
considered to occur in the vicinity of the oxic/anoxic interface [Balistrieri et al., 1992; Davison,
1993].
Other compounds (Mn('V)0 2(s), NO3 ) have been previously suggested as potential Fe(II)
oxidants in a subset of lake studies in which 02 could not explain the persistence of Fe(III) in the
water column after the onset of anoxia [DeVitre et al., 1988; Davison, 1993; Belzille et al.,
1996]. DeVitre et al. (1988) and Belzille et al. (1996) have noted that oxidation of Fe(II)
appeared to be occurring in the absence of sufficient oxygen in the hypolimnion of anoxic Lake
Bret, and suggested that settling Mn(IV) or nitrate might account for this oxidation. Similarly,
Fe accumulated in the anoxic hypolimnion of Esthwaite Water with undetectable Fe(II), and
Fe(II) was only observed after nitrate's disappearance [Davison, 1981; Davison, 1993]; based on
these observations, it was suggested that nitrate was oxidizing Fe(II) [Davison, 1993]. The
above studies provide ecosystem-scale evidence for Fe(II) oxidation by oxidants other than
oxygen. This hypothesis, however, was not systematically tested at the field scale (e.g. electron
balances) or in controlled experiments to confirm that Fe(II) oxidation by nitrate, abiotic or
biologically mediated, was a viable mechanism in these systems.
In other aquatic systems, several authors have argued more systematically for a role of nitrate
in iron cycling [Froelich et al., 1979; Lewis and Landing, 1991; Postma and Boesen, 1991;
Murray et al., 1995]. In the suboxic zone of the Black Sea, the gradients of upward diffusing
Fe(II) were best quantitatively explained through oxidation by downward diffusing NO3- [Lewis
and Landing, 199; Murray et al., 1995]. Similarly, in a nitrate-contaminated groundwater
system, gradients of oxidants and reductants indicated that nitrate oxidized pyrite (FeS 2(s))
[Postma and Boesen, 1991]. In addition, Froelich et al. (1.979) suggested that nitrate was
oxidizing Fe(II) based on porewater concentration gradients in marine sediment cores.
Under suboxic/anoxic conditions in nitrogen polluted lakes, coupled nitrate-reduction/Fe(II)-
oxidation could play an important role in Fe cycling. The oxidation of Fe(II) by nitrate is nearly
as thermodynamically favorable as aerobic oxidation (Table 1). The ability of bacteria to oxidize
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Fe(II) using nitrate has been documented in laboratory studies of organisms enriched and/or
isolated from a number of sediment environs [Straub et al., 1996; Benz et al., 1998]. In addition,
several strains of common denitrifying bacteria, with no prior exposure to Fe(II), were shown
capable of carrying out this process. This highlights the possibility that, in systems where nitrate
is abundant and the highest energy-yielding electron acceptor (thereby dictating the
physiological make-up of the bacterial community), coupled Fe(II)-oxidation/nitrate-reduction
may be occurring when Fe(II) is available. However, no rate estimates of biologically mediated
Fe(II) oxidation by nitrate have been made at natural levels of Fe(II) and nitrate. At the
temperature, pH, and typical catalyst concentrations of natural surface water systems (e.g. anoxic
hypolimnetic lake water), abiotic oxidation of Fe(II) by nitrate appears unimportant [Buresh and
Moraghan, 1976; Ottley et al., 1997]. Abiotic Fe(II) oxidation by nitrite oxidizes more rapidly
than by nitrate [Moraghan and Buresh, 1977]. However, nitrite, as an intermediary in
nitrification and denitrification, seldom accumulates to significant levels in natural systems (i.e.
typically [N02] << [N0 3 ~]).
2.2 UML - Site description and background
The highly urbanized and historically heavily industrialized Aberjona Watershed drains, by
way of the Aberjona River, into UML (Figure 2). UML, a eutrophic, dimictic, kettlehole lake
(zmax = 24 m; zavg= 15 m; Asuface ~ 50 ha; V = 7x10 6 m3 ) has received inputs of ca. 104 kg of
arsenic and similar amounts of other toxic metals over the past century due to upstream industrial
activity historically based along the river [Durant et al., 1991; Aurilio et al., 1995; Hemond,
1995; Spliethoff and Hemond, 1996]. Because of the high levels of As in its sediments [150 to
2000 ppm dry weight; Spliethoff and Hemond, 1996], UML has received considerable study to
understand mechanisms of As remobilization and cycling in the water column of seasonally
anoxic lakes [Aurilio et al., 1994; Spliethoff et al., 1995; Trowbridge, 1995]. In Chapter 2, we
observed that colloidal and particulate Fe represented 95% of total Fe in the hypolimnion
throughout fall stratification and anoxia (during 1996 and 1997 field season). The presence of
particulate Fe appears to control As chemistry, with sorption of As on the surfaces of Fe(III)-
oxides quantitatively capable of explaining the fact that 80 to 95% of remobilized As was found
to be particle-associated. Arsenic's presence predominantly in the sorbed/solid phase throughout
stratification has implications for its transport and bioavailability. Understanding the controls on
Fe cycling is thus essential for understanding arsenic cycling in UML.
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3. Oblectives
We hypothesized that an oxidant other than oxygen was required to explain Fe(II) oxidation
throughout anoxia in UML, and considered nitrate a likely candidate based on: i) the
thermodynamic feasibility of Fe(II)-oxidation by nitrate (Table 1); and ii) evidence in the
literature for the biological mediation of this reaction. To test this hypothesis, field and
laboratory investigations were coupled to assess the importance of Fe(II) oxidation by nitrate at
the field scale, as well as characterize its mechanisms (e.g. abiotic vs. biologically mediated)
through controlled laboratory experiments with UML hypolimnetic water. Controlled
microcosm experiments are described in Chapter 5.
As evidence in support of this hypothesis, at the field scale we expected to observe:
1. A rapid shift in Fe redox chemistry, from Fe(III) toward a predominance of Fe(II), strongly
correlated in space and time with nitrate depletion in the water column.
ii. During nitrate rich periods, an Fe(II) oxidant demand significantly in excess of that which
could be explained by oxygen and Mn(IV), but that could be easily explained by estimated f
nitrate consumption.
Nitrogen transformations and transport were explored to assess the importance of both
endogenous and allogenic nitrate sources. The Fe cycle was followed beginning in early-
summer 1997 to observe the onset of Fe remobilization; total Fe, Fe(II), and size distribution of
Fe were determined. Mass-balance/mass-transport estimates of Fe and oxidants were performed
to assess the importance of nitrate and other oxidants to the oxidation of remobilized Fe(II).
4. Methods
4.1 Sample collection and water quality parameters
Conditions in UML were monitored from a permanent buoy positioned in the deepest region
of the lake. Dissolved oxygen, temperature, specific conductance, and pH were measured in situ
using a submersible probe unit (Hydrolab MiniSonde; Austin, TX); a pressure transducer in the
unit determined depth. Water samples for depth profiles were collected in acid-cleaned low-
density polyethylene bottles by means of a peristaltic pump, with acid-washed vinyl tubing
attached to the Hydrolab housing, and were transported and stored on ice.
Size distributions of As, Fe, and Mn were obtained by in situ serial filtration, as described in
Chapter 2.
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4.2 Sample analyses
4.2.1 Total Fe
Total Fe samples were acidified to 5% HNO3, and stored at 4"C until analysis. Storage time
for total Fe analysis varied from year to year: days to weeks in 1997, approximately 1 year in
1998, and several months in 1999. Loss of total Fe during acidified, cold storage is not expected.
Total Fe was determined by graphite furnace atomic absorption (GFAA; Perkin Elmer 410OZl)
in 1997. Samples from 1998 and 1999 were measured by inductively coupled plasma atomic
emission spectroscopy (ICP-AES; Spectro). Prior to analysis by ICP-AES, samples were 0.2 tm
filtered to remove suspended material that might clog the nebulizer; the 1998 and 1999
measurements of total Fe therefore might be more accurately described as acid-soluble total Fe.
4.2.2 Fe(II)
The short half-life of Fe(II) under oxic, circumneutral-pH conditions necessitated special
treatment of samples for Fe(II) analysis. Two methods were used to measure Fe(II). During all
years, Fe(II) was analyzed on the boat immediately upon sample collection using a
phenanthroline-based method (Chemetrics Vacuvials) and a portable spectrophotometer
(Spectronics Mini-Spec 20; X=505 nm). High levels of background absorbance were measured
by this method when elevated Fe(III)-oxides levels were present (> 40 PM Fe(II) caused visible
difference in water color). Background absorbance was not measured in 1997 and 1998.
Therefore, 1997 and 1998 Fe(II) absorbance measurements used in this chapter have been
corrected using a relationship between background absorbance and Fe(III) obtained from 1999
data (see Section 5.3.2).
In 1999, additional Fe(II) analyses were performed. Unfiltered sub-samples of lake water
were immediately acidified in the field to 0.5 N HCl to initiate the release of loosely bound,
particle-associated Fe(II) [Lovley and Phillips, 1986] as well as to prevent Fe(II) oxidation. A
second subsample was first filtered through a 0.02 im filter (Whatman Anotop 10; sacrificing
the first several pore volumes to rinse filter), and then immediately acidified to 0.5N HCI in
order to determine "dissolved" Fe(II). Sunlight was found to induce significant reduction of
Fe(III) to Fe(II) in acidified samples; therefore precautions (sample dispensing was done inside a
box that shaded them from direct sunlight; acidified samples were then immediately transferred
to a dark storage container) were taken to minimize light exposure during sampling and storage.
Samples were digested at 0.5 N HCl in the dark for approximately 5 hours (time between
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sampling and analysis); during this time samples were stored in a cooler at an estimated
temperature of 10C, (samples themselves were not submerged in ice or ice-water). In the
laboratory, 0.75 ml of acidified sample was added to 0.75 ml of acetate buffer (final pH-6)
containing 1 g/L ferrozine. Absorbance (X = 562 nm) was measured in 1 cm plastic cuvettes
(Stookey, 1970).
4.2.3 Inorganic nitrogen determinations
Samples for nitrate analysis were stored on ice and analyzed within 48 hours by ion
chromatography (Dionex AS4A-SC column, ASRS-I suppressor, and 1.8 mM Na2CO 3 + 1.7 mM
NaHCO3 eluent at ~ 2 ml min-').
Ammonium samples were frozen within 12 hours of collection, and maintained frozen until
colorimetric analysis by the phenolhypochlorite method [Solarzano, 1968]. Some samples were
frozen for up to 18 months before analysis; however significant alterations of ammonium
concentrations in samples over this time period do not seem to have occurred. To check for
nitrogen-species conversions during freezing, nitrate was re-measured in the frozen ammonium
samples and compared with original analyses (i.e. those conducted within 48 hours of sampling).
In all cases, nitrate was within ±5-10% of the original measurement, suggesting insignificant
NH4 ' +-+ N03- conversions. The fact that multiple samples had ammonium concentrations below
detection limits (-1 pM), and that all samples were stored under the same conditions,
demonstrates that ammonium contamination during storage was unimportant. The strong
agreement between nitrate increases and ammonium losses (Sect. 6.2.1) suggests that ammonium
was reasonably well-preserved, although some ammonium loss via volatilization can not be
entirely ruled out.
Nitrite samples were analyzed colorimetrically after reaction with sulfanilimide and N-(1-
naphthyl)-ethylenediamine [Parsons et al., 1983]. Nitrite was typically analyzed on the day of
collection during 1998 and 1999, but with less temporal frequency than nitrate and ammonium.
4.2.4 Sediment traps
Sediment traps were exposed at depths of 5, 11, 14, and 21 m between the dates of
8/15/97 and 9/16/97. The cylindrical traps (d = 7.5 cm, H = 25 cm), modeled after those
described in Benoit and Hemond (1990), were filled with flexible plastic cylinders (d = 2.5 cm,
H = 25 cm), held in place under their own compression, giving a final aspect ratio of 10:1,
greater than the minimum recommended of value of 5:1. No anti-bacterial/algal agents were
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used. After exposure, sedimented samples were collected by unscrewing a 125 ml polyethylene
bottle at the base of the trap (while keeping the trap submerged), capping the bottle, and
refrigerating samples until further treatment (4 weeks). Samples were vacuum filtered onto 0.4
tm pre-weighed polycarbonate filters (final several milliliters of liquid were evaporated with a
heat lamp for some samples). The filters and samples were dried to constant mass at 80 0C,
yielding - 2 mm thick wafers containing - 0.1 g of sample. These wafers were then directly
analyzed for Fe, Mn, and As by wavelength dispersive x-ray fluorescence. The lack of an anti-
microbial agent may have permitted sample alteration during storage; the artifact of concern is
the possible solubilization of the redox active elements Fe, Mn, and As. In addition, loss of
particulate matter during filtration (due to sticking to container walls) could have been non-
trivial due to the low solid mass. For this reason, and because of the inherent error associated
with sediment trap data, these sediment-trap-derived flux estimates are considered as order of
magnitude estimates.
5. Results
5.1 02, T, pH
Temperature and dissolved oxygen measurements from 1997 were found to be typical of all
three years, and so only these are presented in detail (see Appendix for additional years). In
early April 1997, the water column was nearly isothermal (Figure 3A) as well as chemically
well-mixed, with dissolved oxygen (Figure 3B), pH (Appendix) and conductivity (Appendix)
constant over depth. A well-established thermocline was evident on 5/5/97, by which time some
oxygen depletion was already evident. Steady oxygen consumption continued through June, and
oxygen levels reached detection limits (-6 pM) in the deepest 9 meters by late July. pH
measured higher than 8 in the epilimnion during the height of summer, while hypolimnetic
values ranged from 6.3 to 7 throughout stratification. A depth of 8-10 m represented the base of
the thermocline throughout summer and early-fall during all years, with a gradual thermocline
deepening over the course of fall. The water column remained stratified, with the bottom ~9
meters unmixed, through the final sampling days of all three years (November 1997; December
1998 and 1999).
5.2 Inorganic nitrogen chemistry
A groundwater plume containing high levels of NH4 may provide a steady ammonium flux
to the Aberjona River near its headwaters [MA DEQE, 1982]. Additional N-inputs (stormwater
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runoff, combined sewer overflows) occur along the Aberjona River's path [MA DEQE, 1982],
and inorganic nitrogen conversions undoubtedly occur (nitrification, denitrification), ultimately
resulting in elevated levels of NH4' and N03- in UML. Prior to stratification, NH 4' and NO3~
were present in comparable concentrations in the water column (Figure 4A and B; 4/8/98 and
3/30/99). After the onset of stratification, a mid-depth (9-15 m) increase in nitrate concentrations
accompanied the disappearance of ammonium during 1998 and 1999 (6/18/98 and 7/7/99.
Similar nitrate increases occurred in 1997, but no NH 4' measurements were performed during
this year. Analogous shifts in N-chemistry were observed deeper in the water column in 1998,
although to a less pronounced degree than between 9-15 m; these changes at greater depths may
also have occurred in 1999, but sampling frequency was not great enough in early summer 1999
to capture this.
After the substantial nitrate increases, nitrate was gradually consumed throughout the
hypolimnion over the course of stratification, with pronounced nitrate depletion occurring earlier
in 1998 than 1997, and still earlier in 1999 (Figure 5 A, B, and C). Over the same time period
NH4' accumulated in the hypolimnion (Figure 5D). Nitrite, although measured with less
temporal frequency, typically represented no more than 5% of the total inorganic nitrogen pool
(0-5 [M).
5.3 Remobilized Fe chemistry
5.3.1 Fe remobilization
The onset of Fe remobilization was observable as early as 6/26/97 (Figures 6A), coincident
with decreased oxygen levels in the near bottom waters. Release of Fe to the water column
continued throughout fall stratification, with concentrations approaching a pseudo-steady state
by late August at depths below 21 m. Net accumulation of Fe between 15 and 21 m began
slightly later in the season, and continued through mid-October, until concentrations also
approached pseudo-steady levels. Despite the anoxic conditions in the bottom waters (beginning
as early as late-July), and the significant increase in Fe in the water column, only a small fraction
of Fe was measurable as Fe(II) through mid-November (Figure 6B). In general, Fe(II) measured
below 5 pM, only 5 to 10 % of total Fe, except in a few instances (e.g. 11/18/97 23.8 m). In situ
serial filtration was conducted throughout the 1997 field season at 22 m (Chapter 2).
Insignificant Fe increases occurred in the 0.05 ptm filterable size fraction ([Fe < 0.05 pM]22m < 2
pM), despite the fact that total Fe concentrations increased by a factor of 10 between late-June
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and mid-November (Figure 7). Filters (especially the 0.4 pm filter) inspected immediately after
retrieving the sampler were typically stained orange and/or had trapped orange particles.
Unfiltered water collected from deeper than 18-19 m after the onset of anoxia typically had a
distinctive orange tinge. Similar observations were made in 1996 at 20 m and 22 m, suggesting
that particulate Fe was the dominant form of remobilized Fe in the deep hypolimnion throughout
1996 and 1997 stratification (Chapter 2).
The concentrations and redox chemistry of remobilized Fe during late-summer and early-fall
were similar for all 3 years (Figure 6 A-F). By late October 1999, however, Fe(II) began to
dominate the Fe budget in the near bottom waters. By 12/9/99, Fe(II) constituted ~100% of total
Fe in the bottom 2-3 meters. A similar shift in Fe redox chemistry occurred in 1998, although
beginning later in the season and ultimately representing a smaller percentage of total Fe by the
end of the field season.
5.3.2 Comparison of Fe(II) measurement techniques
To confirm the Fe redox speciation measurements in 1997 and 1998, and rule out the
possibility that particle-associated Fe(II) may have been important in this system, Fe(II) in
hypolimnetic samples was measured by three techniques in 1999. At low Fe(II) levels (<5 PM)
unfiltered Vacuvial ([Fe(II)]vacu), unfiltered ferrozine ([Fe(II)]un-ferroz), and filtered ferrozine
([Fe(II)]ltferroz) results differed significantly on a percent basis (Figure 8 A-I), however their
absolute differences were generally less than 2 pM. As Fe(II) accumulated to significant levels
(>10 pM), all three methods similarly captured the trend of increasing Fe(II) with depth and
tifne, the Vacuvial and ferrozine methods agreeing to typically within 5 to 20% at elevated Fe(II)
concentrations. Closer agreement was observed between the [Fe(II)]unrferroz and [Fe(II)]lt-ferroz
methods (typically 5% difference or better). Unfiltered acidified samples (for ferrozine analysis)
were highly sensitive to sunlight: Fe(III) reduction to Fe(II) occurred in sun-exposed, acidified,
unfiltered samples (-30-50% reduction after several hours in sunlight). Precautions were taken
to minimize light exposure. Nonetheless, a portion of the difference between [Fe(II)]ufferoz and
[Fe(II)]lt-rerroz may have resulted from photo-induced Fe(III) reduction. In any case, the
agreement between unfiltered and filtered Fe(II) indicates the unimportance, relative to total Fe
budget, of at least certain forms of particle-associated Fe(II), i.e. particle-associated Fe(II) that
would be liberated by 0.5 N HC1 digestion (see Section 6.3.1).
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After the onset of Fe accumulation at a given depth, water samples were typically orange
colored as would be expected in the presence of oxidized Fe. As discussed in Section 4.2.2,
particulate Fe resulted in elevated background absorbances in the Vacuvial field-measured Fe(II)
(Figure 81), likely due to light scattering. Background absorbance was not measured in 1997 or
1998, and uncorrected Fe(II) concentrations based on measured absorbances were thus
erroneously high, since no or minimal reaction (i.e. color transformation) was observed in the
vials throughout most of the season. The relationship between background absorbance vs.
Fe(III) obtained in 1999 was used as a correction in obtaining the [Fe(II)]vacu concentrations for
1997 and 1998 shown in Figure 6B and 6D (Figure 6F is [Fe(II)]unferroz). Up to 0.05 absorbance
units (corresponding to Fe(II) - 7 pM) was subtracted from measured absorbance during these
years, depending on Fe(III) levels for a particular date/depth (subtracting more than 0.05 abs.
from a sample having Fe(III) > -60 pM could not be conservatively justified considering that
only 3 data points in Figure 8H exceeded 0.05 abs).
[Fe(II)]unfferroz was used to calculate Fe(III) in the water column ([Fe(III)]caic) on all 1999
dates for which [Fe(II)]unferroz data was available (all dates except 7/7/99 and 8/4/99). A
substantial difference (-20 pM) existed between Fe(II) estimates by Vacuvial and ferrozine
methods at depths of 21 m and deeper on 11/18/99 and 12/9/99 (Figure 8 F and H). Estimates of
[Fe(II)]unferroz in the 2 deepest samples were actually greater than [total Fe] by -10 pM on
12/9/99, while [Fe(II)]vacu was -10-15 iM less than [total Fe]. Neither estimate of Fe(II) is
statistically distinguishable from total Fe (assuming method uncertainties of ±10%), and the use
of one over the other does not alter the conclusions discussed below. However, [Fe(III)calc
estimates will appear graphically different depending on the measurement technique used:
[Fe(III)]caIc values appear to be 0 pM.in the deepest samples because ferrozine estimates were
used on 12/9/99, but Vacuvial estimates would suggest that [Fe(III)]cac ~10-15 pM.
6. Discussion
6.1 Nitrogen cycling
6.1.1 Nitrification
During all years of observation, substantial nitrate increases occurred in the metalimnion,
upper hypolimnion, and to some degree in the deepest waters of UML during early to mid-
summer (Figure 5 A-C). The inverse shapes of the nitrate and ammonium profiles (Figure 4A
and B) and the corresponding changes in nitrate and ammonium storage (Table 2), are strong
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evidence that nitrification caused the nitrate increases in the hypolimnion. Nitrification is an
autotrophic, energy-yielding reaction in which ammonium is oxidized in two steps to nitrate.
The overall reaction, with oxygen as the terminal electron acceptor, is:
(3) NH4 + 202 -+ NO3- + 2 H+ + H20 AGO = -35.2 kJ mol'
Nitrification in lakes has been described by others (Hall, 1986 and references cited therein; Joye
et al., 1999; Pauer and Auer, 2000; Gelda et al., 2000), but detailed vertical profiles in an
ammonium-contaminated system have not been previously depicted in the literature.
In 1998, the nitrate increase augmented the initial nitrate pool by 150% (Table 2). This
nitrate production, assuming it occurred via nitrification, consumed 30-45% of the hypolimnetic
oxygen pool. In this way, nitrification shifted a substantial portion of the lake's oxidative
capacity from one oxidant (oxygen) to another, nearly as energy-rich oxidant (nitrate). Viewing
oxygen disappearance as a conversion of oxidizing capacity, rather than oxygen consumption or
loss, is reasonable when the thermodynamics of nitrate redox reactions are considered (Table 1).
While the abiotic kinetics of Fe(II) oxidation by nitrate are slower than with oxygen, the energy
gain is comparable, and the reaction is thus likely to go forward with biological mediation. The
conversion of the "electron accepting capacity" from oxygen to nitrate, however, is expected to
be only -60% efficient since each N in NH 4* must be oxidized from (-III) to the (+V) state, but
nitrate is likely only reduced to N2 (instead of back to NH 4').
6.1.2 Nitrate transport and consumption
Nitrate persists in the UML water column for several months after oxygen depletion. Nitrate
was consumed in the hypolimnion throughout summer and fall during the three years studied
(Figure 4 A-C), the majority likely used in the respiration of organic matter (i.e. denitrification).
In 1997, the rate of change in nitrate storage varied during the season in the 21-24 m control
volume (Figure 9A). Because of the reasonably steep nitrate gradient (d[NO 3~]/dz ~ 5 - 10 pM
m-1) the possibility exists that downward nitrate transport was occurring. The steady gradient of
nitrate to the deep waters means that actual rates of nitrate consumption exceeded the rate of
change of storage, i.e.
NO3- mass consumed = A(nitrate storage) + Kz * A21m - d[NO3~]/dz21m -At
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where K, = 0.03 cm2 s-I was used for the vertical turbulent diffusion coefficient (see Section
6.3.3), A21m is the area at the 21m surface, d[N03-]/dzl2lm is the average nitrate gradient at 21 m,
and At is the time period of analysis. Actual and apparent (i.e. rate of change of storage) nitrate
consumption rate estimates in the 21-24 m control volume for 1997 differ by a factor 2 to 5
(Figure 9A). Comparable ratios of actual to apparent consumption rates (2-10) were obtained for
1998 and 1999 (data not shown).
Nitrate transport from shallower depths appears to have aided in maintaining oxidizing
conditions in deeper waters by satisfying the nitrate demand. By the above estimates, diffusing
nitrate allowed nitrate-rich conditions to persist for 2 to 5 times longer than would have occurred
in the absence of nitrate transport. The travel time, by turbulent diffusion from 15 m to 22.5 m
(i.e. midpoint of 21 to 24 m depth interval, is on the order of 3 to 4 months (approximated from z
- (2 - Kz - t )112). Therefore, the nitrate produced by nitrification, the majority of which was
initially stored near 15 m, had the potential to impact redox chemistry in the deepest waters of
UML.
Nitrate depletion was more pronounced and occurred considerably earlier in 1999 as
compared to other years, with nitrate falling below detection limits (~2 PM) by 10/29/99 in the
bottom 5 m of the lake (Figure 5A-C). The lower prestratification nitrate concentration in 1999
(avg. 60 pM over the bottom 4 m 3/30/99, as compared to ~ 80 pM in 1998 and 1999; Figure
3A-B) was a likely contributing factor to the early nitrate depletion. Deep-water nitrate
concentrations decreased below detection limits earlier in 1998 (<2 PM by 11/18/98 in the
bottom 5 m of the lake; Figure 5A-C) than 1997. Epilimnetic nitrate concentrations, during
summer and early-fall, were 20-30 pM lower in 1998 and 1999 than in 1997. These lower levels
might indicate elevated nitrate uptake and increased algal growth during these years. An
increased flux of detrital organic matter to the hypolimnion resulting from greater surface-water
productivity could have caused greater nitrate consumption during these two years, explaining a
portion of the earlier nitrate depletion. However, the depressed surface-water nitrate
concentrations could also, in part, have resulted from dilution due to stormwater runoff
(measurements taken as part of this study indicate that nitrate levels decrease with increasing
flow-rate in the inflowing Aberjona River, suggesting that stormwater runoff actually dilutes
nitrate levels; data not shown).
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Nitrate reduction coupled with the oxidation of organic matter (or other reduced substances)
can result in multiple nitrogen end-products in environmental systems (NOf, N2 0, N2 , NH4+).
Denitrification to N2(g) (DN 2) is the most likely pathway for the UML hypolimnion, considering
the ammonium-rich conditions in the bottom waters [Mengis et al., 1997; Seitzinger, 1988].
However, dissimilatory nitrate reduction to ammonium (DNRA) is also feasible, and may have
been operating during 1998 based on the observed ammonium accumulation in the hypolimnion
(Figure 5D). Nitrate consumption and ammonium production in the 21-24m depth interval
(calculated by including import and export by diffusion across the 21 m surface) suggest a nearly
1:1 relationship for -AN0 3 : ANH4 (Figure 9B). However, even if DN 2 were the primary nitrate
reduction pathway, the coupled organic matter mineralization would alone result in a -AN0 3
:ANH4' of approximately 1:0.6 (assuming C:N of 6, i.e. Redfield ratio). Non-nitrate anaerobic
respiration (dissimilatory Fe(III) reduction, sulfate reduction) was also likely occurring, and
would have contributed additional NH 4+ to the water column. The fact that ammonium
production continued nearly unabated after nitrate's depletion argues that a sizable portion of the
ammonium production may have resulted from organic matter mineralization. By these
arguments, at most, approximately 40% of the ammonium could have resulted from DNRA.
Low levels of NO in UML indicated its unimportant role as an end-product, although it may
still have served as an important intermediary. These estimates constrain, to some degree, the
potential pathways of nitrate reduction, although specifically designed experiments/analyses are
necessary to determine the end-products with more certainty.
6.2 Fe cycling
6.2.1 Interpreting redox chemistry of remobilized Fe
At the times and hypolimnetic depths of elevated total Fe (> 10-20 PM) and low measurable
Fe(II), several lines of evidence indicate that the majority of Fe in the water column was in fact
Fe(III): Fe(II)measured (by multiple methods) represented only a small fraction of total Fe; 95% of
the Fe was found to be larger than 0.05 ptm in 1996 and 1997; water was tinged orange in high Fe
samples; and orange particles were trapped on filters. Much of the ensuing discussion of Fe
cycling hinges on our ability to differentiate between oxidized and reduced Fe species. This
differentiation requires a basic simplifying assumptions about Fe redox chemistry in UML's
hypolimnion, i.e.:
(4) [Fe(III)calc] = [Feparticulate] = [total Fe] - [Fe(I)measured]
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Such an assumption requires either that Fe particles were nearly 100% Fe(III) or that Fe(II)
measurement techniques accurately measured particle-associated Fe(II). This assumption
appears to be reasonably well-founded, based on the following discussion.
The likely forms of particle-associated Fe(II) should, to a large degree, have been measurable
after a 0.5 N HCI digestion. Particle-associated and dissolved Fe(II) should be distinguishable
through comparing 1999 unfiltered and 0.02 pm-filtered Fe(II) concentrations. This difference
was typically 1-3 pM at dates/depths characterized by elevated total Fe and low Fe(II)measured.
Therefore, Fe(II) derived from several potential particle-associated pools accounted for only 1-3
pM (< 5% of total Fe):
" Controlled experiments demonstrated that Fe(II), spiked into anoxic UML water samples (pH
- 7), was quickly complexed by particulate/colloidal material larger than 0.02 pm
([Fe(II)]sorbed: [Fe(II)]aqueous - 1:1) (Chapter 5). This complexed Fe(II) was released to
solution after digestion at 0.5 N HCl, and readily discerned as particle-complexed Fe(II) by
comparing the filtered and unfiltered ferrozine Fe(II) measurements.
* Two common Fe(II) precipitates in natural waters are Fe"S and Fe"C0 3 . Neither solubility
product is thought to have been exceeded during the nitrate-rich/low-Fe(II) periods; e.g. for
Fe(II) - 5 pM, total dissolved sulfide and total carbonate would have needed to be 6 PM
(detectable by odor) and 14 mM, respectively. In addition, had they been present, a portion
of both amorphous Fe"S(s) and FelC0 3(S) would have been dissolved by the 0.5 N HCl
treatment and therefore measured in the difference between filtered and unfiltered Fe(II)
(100% and 50% of Fe"S(s) and Fe"C0 3() , respectively, were dissolved in 0.5 N HCl after 24
hours at 20*C as determined by Heron et al., 1994)
* Mixed valence amorphous Fe(II)/Fe(III) particles (Fe(II):Fe(III) of 1:1) have been found in
the anoxic hypolimnion of Lake Bret (DeVitre et al., 1989). Because of their amorphous
nature, digestion at 0.5 N HCl for several hours would be expected to dissolve a sizable
portion of mixed valence Fe-oxides in lake samples, based on observations in studies using
similar digestions to dissolve amorphous Fe(III)-oxides:
* Caufield, 1988 - 1 N HCl, room temperature, released 40 and 90% of Fe(III) from
solids after 5 and 10 hours respectively;
* Wallman et al., 1993 - 1 N HCl, 24 hours dissolved amorphous Fe(III)-oxides;
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= Chao and Zhou, 1983 - 1 N HC, 30 minutes, room temperature, extracted 35-70% of
Fe(III).
" Lovley and Phillips, 1986 - 0.5 N HCl used to extract "easily extractable" Fe(II).
Complete dissolution is unlikely. However, the potential mixed valence particles were 50%
Fe(II), and if a large portion of the particulate iron in UML were in fact mixed valence, a
significant difference between unfiltered and filtered ferrozine samples should have been
measured (e.g. if all of Fe(III)cac was actually 50%-mixed valence Fe-oxides, those water
samples would contain approximately 20-40 pM Fe(II)).
Since acid-soluble particle-associated Fe(II) was typically less than 5% of total Fe, the above
discussion argues that particle-associated Fe(II) was only a minor component of the particulate
Fe pool. Therefore, the assumption that Fe(III) is approximately equal to ([total Fe] -
[Fe(II)measured]) appears reasonable.
A portion of the particulate Fe would also have been associated with settling clays and other
exogenic particles (not formed from remobilized Fe(II)). Considering the pre-remobilization Fe
concentrations in the hypolimnion (e.g. 19 m on 6/26/97), exogenic Fe-containing particles
represented 1-2 pM. Assuming that this external input varied little with time, less than 5% of the
total Fe in the deep waters during late-summer and fall originated from exogenic particles,
therefore having only a small impact on our interpretations.
6.2.2 Fe remobilization and cycling
Consistent with the classical model for Fe cycling (Davison, 1993), significant Fe
remobilization began in 1997 after oxygen had been nearly depleted in waters deeper than 15 m
(7/30/97, Figure 8A). Observable Fe release occurred first in the deepest waters, with significant
Fe accumulation at shallower depths (e.g. 18-21 m) evident only later in the season.
However, the generalized concept of upward diffusing Fe(II) oxidation occurring at the
oxic/anoxic boundary in the water column (Davison, 1993) fails to explain Fe cycling in UML
throughout 1997 stratification. The Fe that accumulated in the water column between 7/30/97
and 11/18/97 must, for the most part, have been initially remobilized as Fe(II) (c/f Davison,
1993). The lack of appreciable Fe(II) accumulation and the resulting shape of the Fe(III) curves
(Figure 6G) require that Fe(II) oxidation took place at the sediment-water interface (Davison,
1993). However, the oxic/anoxic interface was at approximately 13 m during late-summer/early-
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fall and no deeper than 17 m on 11/18/97 (Figure 3B), precluding oxygen as a reasonable
explanation for Fe(II) oxidation.
Comparisons across years enable insights into the mechanisms controlling the redox
chemistry of remobilized iron. The UML hypolimnion exhibited similar iron chemistry during
late-summer and early-fall of the three years studied: increasing levels of total Fe with depth,
profiles suggesting that bottom and lateral sediments acted as Fe(II) sources, and Fe(II)
representing only a small fraction of total Fe (Figure 8A-F). Unlike 1997, iron redox chemistry
in 1999 underwent a major change between 9/14/99 and 10/29/99, with more than 50% of
remobilized Fe measured as Fe(II) in the 21-24 m depth interval. Fe(II) became increasingly
more dominant throughout the remainder of the field season, eventually comprising more than
90% of total Fe in the bottom 3 m. A similar shift in Fe redox chemistry occurred in 1998
although it commenced later in the season and Fe(II) ultimately represented a smaller percentage
of total Fe than in 1999.
In contrast to 1997 observations, a distinct Fe(III) peak developed in the water colunm during
1999 fall stratification (Figure 10). The peak coincides with the depth(s) demarcating the nitrate
depleted zone. Iron data from 1998 exhibited a comparable, but less fully-developed Fe(III)
peak, also in the vicinity of the nitrate-depleted/nitrate-rich interface (12/15/98, Figure 8H).
While shifts in Fe redox chemistry do not correlate spatially or temporally with oxygen
depletion, a strong relationship between nitrate depletion and Fe(II) appearance is evident when
considering all post-anoxia hypolimnetic data points over three years of observation (Figure 11 A
and B). At all dates/depths, with only a handful of exceptions, Fe(II) levels were suppressed
until nitrate was below detection limits, at which point Fe(II) levels increased rapidly.
Interestingly, the presence of nitrate did not prevent iron remobilization (Figure 1 B). Instead
iron accumulated, evidently after Fe(II) oxidation (by comparison with Fig 1 IA), throughout the
nitrate-rich period in the hypolimnion. This apparent inverse correlation between nitrate
depletion and the sediment-area-normalized Fe mass is not an entirely causal relationship, since
both may vary independently as a function of time. Nitrate was gradually consumed over time at
all depths. Iron accumulation at any given depth results from both vertical turbulent diffusion of
colloidal Fe(III) and Fe remobilization from lateral sediments (Belzille et al., 1996). Because of
upward transport of Fe(III), iron increases at a given depth can occur irrespective of the nitrate
concentration at that depth. Therefore total Fe increases can not alone be attributed to decreasing
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nitrate. However, Fe accumulation in the presence of nitrate departs from observations in other
lakes in which low levels of Fe remobilization were attributed, in part, to the presence of nitrate
in the water column [Davison and Woof, 1983; Sigg et al., 1994].
The above correlative observations are clear evidence that the presence or absence of nitrate
plays a determinative role in the redox chemistry of remobilized Fe, thereby dictating its
presence as either particulate or dissolved in the water column. An explanation, consistent
spatially and temporally with these observations, is that nitrate oxidized Fe(II) throughout
anoxia:
Fe(II) remobilization from sediments continued throughout fall anoxia, with
nitrate oxidizing Fe(II) as it entered the water column; therefore appreciable
Fe(II) accumulation in the water column only became evident after the oxidant's
depletion.
Fe(II) oxidation by nitrate is thermodynamically feasible (Table 1) and the biological mediation
of this reaction has been demonstrated in pure and enrichment culture (Benz et al., 1998; Straub
et al., 1996). However, in order to demonstrate that nitrate oxidation of Fe(II) was an important
process in UML, nitrate must be shown to be both necessary and sufficient (i.e. not enough other
oxidants, and more than enough nitrate) on a mass basis to explain the estimated Fe(II) oxidation
that occurred. In addition, it must be demonstrated that Fe(II) oxidation by nitrate is possible in
this system and capable of proceeding at rates that can explain field observations of low Fe(II)
accumulation.
6.3 Mass Balance of Fe and oxidants
Fe(II) oxidation by nitrate appears to occur in UML's hypolimnion, as evidenced by the
minor importance of Fe(II)aq to the remobilized Fe pool throughout 1997 anoxia and the clear
link between nitrate depletion and Fe(II) appearance in 1998 and 1999. During the 1997 field
season, the majority of net Fe release occurred between 7/30/97 and 8/27/97 in the deepest
waters of the lake (e.g. consider the 21-24 m depth interval, Figure 12A). By that time oxygen
levels had already fallen below detection limits. Total iron levels peaked by mid-September,
decreasing slightly (15%) and ultimately plateauing thereafter, with varying, but relatively small
amounts, of Fe(II) measured (Figure 12A). The nearly steady-state mass of Fe in the 21-24 m
control volume (c.v.) after 8/27/97 does not imply a cessation of Fe remobilization. Instead,
ongoing net transport of Fe out of the 21-24 c.v. (quantified below) necessitates that Fe
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remobilization from the sediments continued throughout the remainder of the field season in
order to maintain the constant mass of Fe. The minimal accumulation of Fe(II), despite ongoing
Fe(II) flux from the sediments, suggests that oxidation of Fe(II) was occurring in the anoxic
water column or at the sediment-water interface.
The goal of this section is to quantify Fe(II) remobilization and oxidation in UML, as well as
assess the importance of potential oxidants to this process. A companion study (Chapter 5)
explores Fe(II) oxidation by nitrate through microcosm experiments using UML water samples.
Section 6.5 compares field-scale mass balance estimates and microcosm observations.
6.3.1 Mass balance overview
To quantify Fe(II) remobilization and oxidation in UML's hypolimnion, the 21-24 m depth
interval is considered as a control volume. We used a one-dimensional vertical transport model
(Table 3A Equations 1 and 2; after Imboden and Schwarzenbach, 1985) to estimate Fe
accumulation within the control volume and its exchange across boundaries with sediments and
adjacent water volumes (Figure 1 1B). The 21-24 m control volume was chosen for the mass
balance calculations on Fe and relevant oxidants because: i) it represented a zone of substantial
net iron and arsenic accumulation; ii) the best spatial resolution of total Fe and Fe(II)
measurements was available for this region; and iii) turbulent diffusion transport estimates were
simplified because it was only necessary to consider diffusion across the 21 m surface (the other
"boundaries" are the sediment-water interface). UML bathymetry data used for the model are
presented in the Appendix.
In its detailed form (Table 3A Equations 1 and 2), the model considers changes in Fe(III) and
Fe(II) concentrations with time in a control volume (c.v.), import and export of Fe(II) (by
turbulent diffusion) and Fe(III) (by turbulent diffusion and settling), remobilization of Fe(II)
from lateral sediments, and internal sources/sinks resulting from Fe redox conversions. To apply
this model to the UML data set, several simplifications were made. First, it is assumed that
Fe(II)aq and authigenically produced Fe(III)-oxides are the principal iron species present, thus
neglecting aqueous Fe(II) complexes, sorbed/solid-complexed Fe(II) not measured
colorimetrically, and changes in exogenous Fe input with time, as discussed in Section 6.3.1. In
addition, physical resuspension of iron is considered unimportant. By these assumptions, all Fe
increases in the control volume must have originated either as Fe(II), chemically remobilized
from the 21-24 sediments, or as Fe(III) that settled into the control volume from shallower
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depths. It follows that all Fe(III) that can not be explained through the downward settling of
Fe(III)-oxides must have originated through the oxidation of remobilized Fe(II).
Since measurable Fe(II) represented only a minor portion of total Fe in the 21-24 m c.v.
throughout most of 1997, and Fe(II) gradients were for the most part small or insignificant,
Fe(II) transport is not explicitly considered in 1997. Instead, Fe(II) transport into the control
volume, primarily via diffusion from sediments, is calculated indirectly as the internal Fe(III)
source (term e of Table 3A Eqn 2). Mass balance estimates for 1998 and 1999 do explicitly
consider Fe(II) transport during periods of Fe(II) dominance. Reductive dissolution of Fe(III)-
oxides in the water column is considered to be insignificant during periods of Fe(II) oxidation,
but is incorporated into the model during periods of measurable Fe(II) accumulation.
The import and export of particulate Fe(III) (including both settleable and non-settleable
solids) constitute significant terms in the iron budget, especially during time periods when iron
accumulation within the control volume was small. A thorough discussion of the necessary
simplifying transport assumptions and the estimation of transport parameters are described in
Sections 6.3.2 and 6.3.3.
Through the above simplifications, and by multiplying all terms by At (the time period over
which the mass balance calculations were conducted), the instantaneous transport equation is
converted into a simplified mass expression (Table 3A Eqn. 3). Terms a, b, c, and d in this
equation are estimated based on field data; the mass of remobilized (and oxidized) Fe(II) (term e)
is calculated by difference. To assess whether nitrate is necessary to explain the estimated
amount of Fe(II) oxidation, this oxidized-Fe(II) mass is compared with the mass of potential
Fe(II) oxidants consumed (see Section 6.3.4 for determination of oxidant masses).
Table 3B summarizes the model inputs and their associated estimates of uncertainty. The
various uncertainties associated with this model and its assumptions, and the importance of these
uncertainties to the overall model conclusions, are discussed in Section 6.4.6.
6.3.2 Mass transport - aggregation and settling
Explicitly modeling Fe(III) settling requires detailed knowledge of particulate iron
characteristics, since settling velocity, v,, depends on particle size, morphology, and density
[O'Melia, 1985]. In addition to the settling of individual particles, interparticle collisions cause
smaller particles to aggregate to larger sizes. Some theoretical and experimental studies argue
that it is the rapid settling of these larger aggregates that constitutes the majority of the settling
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flux [Pizarro et al., 1996; Weilenmann et al., 1989; Farley and Morel, 1986], with aggregation
being the rate limiting step. Aggregation rates depend upon particle collision frequency and the
"sticking efficiency" once they collide [Omelia, 1985]. The number of particles along with
physical parameters - temperature (i.e. Brownian motion), velocity shear, viscosity - determine
the collision frequency, while the chemical environment dictates the sticking efficiency. There is
ample theoretical background for understanding particle aggregation in well-characterized
systems; however only a few studies have explored the process at the field scale [Pizarro et al.,
1996; Weilenmann, 1989].
With this in mind, we have chosen to model Fe(III) settling at a given depth using the general
expression
(Vy, . fd, . [Fe(III)],z . Az
di
where di: particle diameter
vsi: settling velocity of a particle with diameter di
fdai: fraction of particulate Fe(III) having diameter di
[Fe(III)]z: total Fe(III) concentration at depth z
Az: lake area at depth z
This general settling term (in units of moles per day) expresses overall Fe(III) settling as a
summation of the settling of the individual particle size classes. When the particle size
distribution in a dynamic system approaches steady state, it stands to reason that a balance has
been achieved between several simultaneously occurring processes, namely: a source of small
particles into the control volume (i.e. oxidation of remobilized Fe(II)), aggregation of small
particles, and settling of larger aggregates out of the control volume. Assuming that the Fe(III)
size distribution is constant over time, the above settling expression implicitly includes the
process of particle aggregation to larger size classes, because it explicitly considers the settling
of the larger aggregates.
Although it serves as the conceptual basis for our settling model, the use of this detailed
expression can not be justified for modeling our data set. Only particles larger than ~0.4 Rm are
typically considered to settle appreciably, and sufficiently detailed Fe(III) size-distribution data
within settleable size classes in UML are unavailable (and actually not practical to obtain, since
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v, is proportional to d2 and thus very sensitive to particle size) to allow the accurate application
of the above settling expression. Therefore, we have simplified the settling expression to
S(vS,, . [Fe(II)] - A Z= (v5 , -fd, ). [Fe(III)]z -AZ = veff * [Fe(III)]Z A 
di di
veff
with veff (units of m d-) as an effective piston velocity for settling Fe(III). If we assume a
constant Fe(III) size distribution over the depth range (21-24 m) and time periods of interest (a
reasonable assumption based on the constancy of the sub-0.4 gm size classes over these
intervals; Chapter 2), veff = I (vi -fdi) can be considered a constant (since v, is dependant
primarily upon d). Under this assumption, settling fluxes can be calculated at various times and
depths by applying veff to the total Fe(III) concentration (i.e. changes in settling flux only occur
due to changes in total Fe(III) concentration).
To empirically estimate veff (and therefore bypass the need to explicitly determinefi and v5j),
we used sediment trap flux data (Figure 13) and the average Fe(III) concentration during the
period of exposure (see Table 3C for calculation). The sediment-trap-derived fluxes are as
would be expected based on the observed Fe(III) profiles: relatively constant at the shallower
depths with increased flux in the deepest region, consistent with the observed Fe remobilization
and oxidation during this time period in the deepest waters. Although the fluxes measured in the
3 shallowest traps were less than the flux at 21m in the water column, metalimnetic/epilimnetic
Veff values are nearly a factor of 10 greater than hypolimnetic values (Table 3C). This
observation may have a number of reasonable explanations (e.g. although [Fe(III)] is less in
shallower waters, a greater percentage of this iron could have been associated with larger
particles, resulting in a lower - but more "efficient" - flux). The two hypolimnetic veff estimates
(depth = 18 and 21 m) are in good agreement. Based on these estimates, we used veff = 0.024
0.012 m d- to conservatively model settling flux of Fe(III).
One way of conceptualizing the summation term, E (vsi -fdi), is that it represents the product
of an average settling velocity and an average percentage of settleable material. An infinite
number of combinations of vs,avg -fsettie,avg can give us the value of 0.024 m d-. However,
choosing a reasonable fsettle,avg (e.g.fsettie,avg =fd>O.4m= 0.5-0.75; Chapter 2), we find that veff of
0.024 m d- corresponds to vs,avg = 0.03-0.05 m d'. Particles of diameter 0.4 to 0.6 pm settle at
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approximately this rate (density -1.5-2.0 g cm~3, T-5C). An unreasonable vs,avg would have
been one that corresponded to an exceedingly large particle (e.g. deff>10 tm), and would have
indicated that we were overestimating the settling flux of Fe(III). The low vs,avg obtained using
this crude estimate of the settleable-fraction at least suggests that the value of veff is reasonable.
To model settling fluxes in the deep waters of UML, we assume veff remains constant over
the depth range considered (21-24 in), and constant with time. Insufficient data are available to
warrant estimating time- and depth-varying veff values. Settling into the control volume was
calculated by applying veff to the Fe(III) concentration at 21m (Table 3A Eqn 3 term d). It was
not possible to consistently obtain a value for [Fe(III)]24m to analogously estimate the flux
leaving the control volume through the bottom (i.e. the bottom). As a compromise, settling out
of the control was modeled by applying veff to the Fe(III) concentration at 22.5 m (approximately
equal to the volume-averaged concentration) (Table 3A Eqn 3 terms c ). The area at 21 m was
used in estimating Fe(III) settling out of the c.v., to account for settling along the "side"
sediments, as well as to offset the slightly lower Fe(III) value used (i.e. Fe(III)2 2 .5 m instead of
Fe(III) 24m.
6.3.3 Mass transport - turbulent diffusion
Colloids are defined as nonsettleable particles [Buffle and Leppard, 1995; Gustafsson and
Gschwend, 1997]. Therefore, their short-term transport is analogous to that of dissolved
substances, i.e. by advection and eddy diffusion, without appreciable settling. In addition,
particles that do settle at significant rates (i.e. "gravitoids"; Gustafsson and Gschwend, 1997) are
also subject to transport by turbulent diffusion. Over the time scales considered in this study
(weeks), the mass transport of particulate Fe(III) (gravitoids + colloids) by turbulent diffusion
can be reasonably quantified using the average concentration gradients at the control volume
surfaces along with estimates of average turbulent diffusion coefficients, K, (Table 3A Eqn 2
term b). For consistency with transport by settling, the general form of the turbulent diffusion
term is originally written as a summation of the turbulent diffusive transport of individual size
classes. Except for extremely large particles (i.e. those that would settle faster than turbulent
eddies could lift them), transport by turbulent diffusion should occur similarly across the particle
size spectrum. Therefore, this expression can be simplified to:
a fd, .[Fe(III)]) a[Fe(III)]
KZ . . A21m =KZ . . A 2 1m
di Z 21m az 21m
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Fe(III) concentration gradients at 21 m were estimated from the derivative of best-fit polynomial
curves of Fe(III) depth profiles. Gradients were determined for each sampling date, and average
gradients applied over their respective time intervals to calculate total mass transfer.
K, was estimated by the flux gradient method [e.g. Benoit and Hemond, 1996]. This method
uses measured temperature gradients at a given depth, and the change in heat storage below that
depth, to calculate the turbulent diffusion coefficient necessary to explain the total heat flux.
Other sources and sinks of heat - radiant heating and sediment heat exchange - were not
considered. Low light penetration (Secchi depth of - 2 m) in this eutrophic lake should cause
radiant heating to be insignificant in the deep hypolimnion. During late-summer and fall, the
water column would likely have been losing heat to the sediments [Benoit and Hemond, 1996], if
any heat exchange were occurring between water and sediments. This exchange is expected to
be small, since only small temperature excursions occur in the deep waters (AT ~+ 1-2'C over
summer and fall; Figure 14) relative to likely seasonally average sediment temperatures. Even if
some heat flux to the sediments occurred, ignoring sediment-heat exchange underestimates the
actual K,, providing a somewhat conservative value.
The temperature of UML bottom waters increased slowly but steadily over the summer and
fall of all three years at similar rates, arguing for the applicability of the flux-gradient method to
this system (Figure 14). However, nearly imperceptible temperature gradients over the bottom 4
meters (-0.01 C in') of the lake made the estimation of Kz's at 21 m impossible. Therefore, we
estimated K, at 18 m (Table 3D; avg. 0.026 ± 0.006 cm 2 s'), where dT/dz was larger (-0.1 C m-
1). These temperature gradients were still small compared to the rated precision of the
temperature probe (±0.1 0C), so considerable uncertainty may be associated with these Kz's.
However, the relatively narrow range of K,'s obtained over all three years at 18 in argues that the
estimates are reasonable. The Kz at 18 m was taken as a reasonable estimate for Kz deeper in the
water column. Based on these estimates a conservative, time-invariant K, of 0.02 ± 0.01 cm2 s-
was used at 21 m for 1997-1999.
6.3.4 Oxidants
Oxygen, manganese(IV), and nitrate are thermodynamically feasible Fe(II) oxidants (Table
1). The initial amount of a given oxidant present in the control volume and the net flux of that
oxidant into the control volume were estimated for each time interval. As a first assumption, the
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pool of non-nitrate oxidants was assumed entirely available for oxidizing Fe(II), to
conservatively test the hypothesis that nitrate was an important oxidant in this system. Deeper
than 15 m, oxygen was below detection limits during all time intervals used for the mass balance.
As a conservative estimate, the detection limit concentration (6 [M) was assumed present for the
first time interval. Thereafter, oxygen was considered depleted. No oxygen gradient was
measurable below 15 m during late-summer and fall, therefore estimating an 02 flux into the
control volume was not possible; however it was likely insignificant. Mn(IV) flux was estimated
from the maximum settling flux determined from the sediment trap deployment (Figure 13, -5
moles d-1). Mn(IV) already present in the control volume was conservatively estimated as [Mn >
0.05 [im] at 22m from 1997 in situ filtration data presented in Chapter 2, and entirely dedicated
toward Fe(II) oxidation. Total Mn concentrations at 22 m ranged from 30-40 pM between
6/26/97 and 11/18/97, of which 85 to 98% was 0.05 pm filterable, arguing that Mn(IV) was
probably unimportant
The derivatives of best-fit curves to N0 3 depth profiles were used to estimate nitrate
turbulent diffusive flux into and out of control volume. Changes in nitrate storage within the
control volume were calculated from the difference in nitrate concentration at the beginning and
end of a time interval.
One mole each of nitrate, oxygen, and manganese can oxidize 5, 4, and 2 moles of Fe(II)
respectively. For this reason, NOf, 02, and Mn(IV) masses are expressed as electron accepting
equivalents (i.e. # of moles x 5, 4, or 2, respectively) in the mass balance calculations.
6.3.5 Estimates of Fe(II) remobilization and oxidation - 1997
The mass balance model (Table 3 Eqn. 3) was applied to the 21-24m control volume from
August through November 1997 with results summarized in Table 5A and Figure 15A.
Approximately 18,000 moles of Fe were released from the 21-24m sediments between 7/30/97
and 8/27/97. The majority (60%) of the remobilized Fe accumulated in the control volume,
while export by net settling and turbulent diffusion each accounted for roughly 10% and 30%,
respectively.
The observation that iron accumulated primarily as Fe(III) necessitates that remobilized
Fe(II) was oxidized. Oxygen was at or below detection limits (~ 0.2 ppm = 6 PM) in waters
deeper than 15 m by 7/24/97. Even when 6 pM oxygen is assumed present, and dedicated
entirely to Fe(II) oxidation, aerobic Fe(II) oxidation explains only 37% of the estimated Fe(II)
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oxidation that took place during this time period. Total available Mn(IV) (settling + available in
c.v.), if directed entirely toward Fe(II) oxidation, can explain an additional 8%. Nitrate remained
as the only thermodynamically feasible oxidant and necessarily needs to explain, at a minimum,
the remaining 55% of Fe(II) oxidation. On a mass basis, nitrate consumption can easily account
for the estimated Fe(II) oxidation that occurred, with nitrate consumption being nearly 3 times
the amount necessary to oxidize all of the Fe(II) during this time period. Nitrate was likely
responsible for substantially more than 55% of Fe(II) oxidation during this time period, since the
assumption that 100% of 02 and Mn(IV) masses were directed toward Fe(II) oxidation is highly
conservative. Estimates of sediment oxygen demand (0.01 to 0.07 moles m-2 d-1 or 550 to 3900
moles d-1) from spring 1997 would, if applied between 7/30/97 time period, exceed the sum of
rows (f) and (g) in Table 4A by a factor of 10 to 70. This range of sediment oxygen demands
was estimated during time periods when oxygen was much more abundant (factor of 20 to 40
higher than detection limit levels in August 1997). However, even after correcting these oxygen
consumption rates to reflect lower oxygen abundance (i.e. divide by 20 to 40), they still predict
that respiration would consume the majority of available oxygen.
From 8/27/97 to 11/18/97, iron net transport out of the c.v. continued at rate of roughly 500
moles/d due to combined turbulent diffusion and net settling. Therefore, Fe(II) remobilization
from the sediments must also have continued throughout this period in order to maintain the
nearly steady-state mass of Fe in the c.v. (Figure 12A). Mass balance estimates require that an
additional 41,000 moles of Fe(II) were remobilized to the 21-24 m control volume over this time
period. This sediment flux was large enough to replace the iron mass already in the control
volume more than two times between these dates (steady-state mass -16,000 - 18,000 moles;
Figure 12A). Again, ferrous iron represented less than 10% of the total Fe in the control volume
on 11/18/97, necessitating that most of this remobilized Fe(II) was oxidized in the water column.
Mass balance assumptions assigned all residual oxygen (detection limit concentrations) toward
consumption between 7/30/97 and 8/27/97. However, between 8/27/97 and 9/16/97,
conservative estimates suggest that as much as 25% of remobilized Fe(II) could have been
oxidized by Mn(IV). This is undoubtedly an overestimate of the Mn(IV) contribution to Fe(II)
oxidation during this time period. The entirety of the 7/30/97-8/27/97 particulate Mn (Table 4A
row h + i) was dedicated to that period's Fe(II) oxidation. Yet on 8/27/97, the mass balance
model suggests that an additional 2000 moles (6 pM) of Mn(IV) was available to oxidize Fe(II).
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Assuming that the Mn settling flux is reasonably accurate (traps were actually exposed during
this period), available Mn(IV) is either being significantly overestimated, or Mn(IV) was
produced in the control volume through oxidation. All residual oxygen was previously applied
toward Fe(II) oxidation, leaving nitrate to account for this Mn(II) oxidation. Mn(II) oxidation by
nitrate is thermodynamically feasible (slightly), but has not been observed in natural systems on
controlled experiments (Tebo, 1991). If Mn(IV) was actually produced within the 21-24 c.v.,
nitrate may be directly responsible, and therefore indirectly responsible for the portion of Fe(II)
oxidized by authigenically produced Mn(IV).
When the 1997 anoxic period of (7/30/97 to 11/18/97) is taken as a whole (Figure 15A),
mass balance estimates indicate that 59,600 ± 17,700 moles of Fe(H) were remobilized from the
21-24 m sediments and oxidized within the control volume. At a maximum, the conservative
combined oxygen and Mn(IV) estimates can account for only 22% (13200 e- equiv) of this
oxidation. Therefore, even using conservative assumptions for transport and oxidant allocation,
nitrate must account for a minimum of 78% of the Fe(II) oxidation that occurred. On a mass
basis, only 42% of the total 1997 nitrate consumption (and a maximum of -50% during any
given period) in the 21-24 c.v. is required to explain the predicted Fe(II) oxidation. Within the
framework of this model, in order to explain the minimal accumulation of Fe(II) in the water
column, remobilized Fe(II) must have been oxidized at a rate of at least 2 to 7 pM d- (Table 4A,
terms in parentheses in Row 1).
Conducting similar mass balance calculations at shallower depths in the water column is
complicated by the additional uncertainty introduced by a second turbulent diffusion term (i.e.
turbulent diffusive flux into the c.v.). For the 21-24 m c.v. it was possible to conservatively
estimate export by turbulent diffusion and thereby not overestimate Fe(II) remobilization. In
addition, total Fe and Fe(II) were not measured with as fine or consistent spatial resolution
shallower than 20 m. However, a gross mass balance on hypolimnetic waters shallower than 21
m is useful to ensure that transport estimates were reasonable for the 21-24 m c.v.. Figure 12C
summarizes the Fe mass transport and accumulation totals in the 15-21 m c.v. from 7/30/97 to
11/18/97. The diffusive flux, settling flux, and accumulation terms were determined based on
measured concentration and the transport estimates, as described above. Diffusion from lateral
sediments was calculated by difference. A negative lateral-sediment flux term would have
indicated that net Fe flux out of the 21-24m c.v. had been overestimated. This gross mass
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balance estimates a small, positive sediment flux (+3,200 moles). The low sediment-area
normalized flux of Fe from the 15-21 m c.v. sediments over this time period (0.3 mmol nf 2 d')
is approximately a factor of 10 less than the time-averaged sediment flux from the 21-24m
sediments (-5 mmol m2 d-). Both sediment flux estimates are in reasonable agreement with the
range of estimates made in Esthwaite Water of 0.1 to 1.2 mmol nf d- (Davison, 1980), and the
range summarized by Belzille et al., (1996) of 0.1 to 1.3 mmol m2 d-, estimated in multiple
systems by various methods (pore-water gradients, accumulation).
The lower calculated sediment flux from the 15-21 m sediments appears reasonable,
considering the observed time-lag between Fe concentration increases at shallower depths
(Figure 6A; 15-21m sediment flux was calculated for entire time period). In addition, higher
levels of nitrate at shallower depths (e.g. [NO 3~]= 65 pM at 18m 11/18/97) may have had the
effect of slowing Fe(II) release.
However, the low sediment flux for the 15-21 m lateral sediments might also indicate that net
Fe transport out of the 21-24 c.v. was overestimated. Upward diffusing Fe(III) could have been
overestimated, or downward settling Fe(III) underestimated. Further inquiry is required to
address these questions. The amount of additional Fe remobilization necessary to give a flux of
1.0 mmol m 2 d' is -7000 moles; this value is well within the uncertainty of our transport
estimates (the uncertainty associated with diffusion into the control volume is ±16,000 moles
over this time period). It is therefore possible that actual remobilization rates are closer to those
obtained for the 21-24 m control volume than these calculations initially indicate.
These estimates indicate that upward diffusing Fe(III) was an important, if not the dominant,
source of Fe to the 15-21 m c.v. Sediment flux from the 15-21 m sediments may have been
relatively unimportant in UML under the conditions observed in 1997. This latter assertion
differs from observations made using pore-water peepers in Lake Bret, in which the estimated
percentage contribution from lateral sediments (i.e. sediments at a particular depth) accounted for
between 50-90% of total Fe remobilization over the field season (Belzille et al., 1996).
6.3.6 Estimates of Fe(II) remobilization and oxidation - 1998 and 1999
The same mass balance model was applied to the 21-24 m c.v. in 1998 and 1999 (Table 4B
and Figure 15B). Approximately 30,000 moles of Fe were remobilized between 8/3/98 and
9/14/98, with 30% accumulating within the c.v. and the remainder exported by settling and
diffusion. Oxygen was below detection limits during this time period, and can explain a
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maximum of 22% of the required Fe(II) oxidation, and likely significantly less because of
competing pathways for oxygen consumption. No estimates for Mn(IV) concentrations in the
control volume are available for 1998. Even by extremely conservative estimates, Mn(IV) in the
water column proved incapable of explaining Fe(II) oxidation in 1997, and a similar scenario
likely played out during 1998. Settling Mn(IV) was approximated using the same estimator as in
1997, and can account for only a minor portion of total Fe(II) oxidation. An additional 25,000
moles of Fe were remobilized from 9/14/98 to 11/19/98, again with insufficient oxygen or
Mn(IV) to account for the Fe(II) oxidation that occurred. In total, during the low Fe(II) periods
in 1998, non-nitrate oxidants can account for a maximum of 15% of estimated Fe(II) oxidation.
(Figure 15B). Approximately 30% of the nitrate consumption over this time period is required to
explain the estimated Fe(II) oxidation.
Mass balance estimates for 1999 are summarized in Table 4C and Figure 15C. Only two
non-Fe(II) periods were captured for the 1999 field season. Using the conservative estimates of
non-nitrate oxidant mass and allocation, nitrate is required to explain -40% of the estimated
Fe(II) oxidation between 7/7/99 and 8/4/99. Between, 8/4/99 to 9/16/99, nitrate is required to
explain 98% of the Fe(II) oxidized. Considering total Fe(II) remobilization from 7/7/99 to
9/16/99, nitrate is required to explain a minimum of 80% of Fe(II) oxidation (Figure 15C). Only
20% of total nitrate consumed during these time periods is necessary to account for the estimated
Fe(II) oxidation.
6.3.7 Mass balance modeling of Fe(II) accumulation - 1998 and 1999
Fe(II) mass balance estimates during nitrate-depleted periods were performed by converting
Table 3A Eqn 1 into a mass expression (by multiplying by At). Fe(II) oxidation (term c) was
considered to be negligible during these time periods. This expression was used in conjunction
with the Fe(III) mass expression (Table 3A Eqn 3) to enable estimates of both Fe transport and
Fe redox conversions (reduction of Fe(III) to Fe(II)).
During the 1998 and 1999 periods of significant Fe(II) accumulation in the water column,
mass balance estimates suggest that sediment remobilization of Fe(II) and reduction of Fe(III) in
the water column may have both been important sources of Fe(II) in the 21-24 m c.v. Between
11/19/98 and 12/16/98, Fe(II) increased by 10,400 moles (Table 4D row b), and an additional
1,300 moles of Fe(II) was exported by turbulent diffusion (Table 4D row c). During this time
period, Fe(III) storage decreased by 8,000 moles in the 21-24 c.v. (Table 4B row a). The settling
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and flux terms indicate that only 35% (2,800 moles) of this decrease could have arisen from net
removal of Fe(III) from the c.v. The balance of the Fe(III) decrease (5,200 moles; Table 4D row
a) likely resulted from Fe(III) reduction in the water column to Fe(II). The remainder of the
Fe(II) "production" (6500 moles; Table 4D row d) must then have resulted from Fe(II)
remobilization from the sediments.
Mass balance estimates conducted for the 9/16/99-10/29/99 time period yield similar results:
approximately 65% (10,000 moles) of the Fe(II) production occurred through water-column
Fe(III) reduction and 35% through Fe(II) remobilization from the sediments (Table 4D).
For 10/29/99-11/18/99 and 11/18/99-12/9/99, however, it appears that water-column
reduction of Fe(III) can explain all of the Fe(II) production. The importance of Fe(II) release
from the sediments may thus have diminished significantly relative to Fe(III) reduction in the
water column (and perhaps decreased to near-zero) during this prolonged period of Fe(II)
dominance. To aid in understanding a possible cause for this decrease, a rough model for
predicting the expected Fe(II) sediment flux - based on "sediment-side" considerations - is
useful:
Sediment Fe(II) Flux = D e [[Fe(II)porewater] - [Fe(II)watercolumn]J / Az
By assuming a 0.1 to 1 cm diffusion layer (Az) at the sediment-water interface, a porewater
Fe(II) concentration of 150 pM (using the maximum water column Fe(II) value measured), and
molecular diffusion (D = 10- cm2 s-) through the surface-sediment layer, an order-of-magnitude
estimate for feasible Fe(II) flux is 1 to 10 mmol m2 d1 when Fe(II) concentrations are
insignificant in the water-column (i.e A[Fe(II)] ~ 150pM). This range of flux values is
comparable to the range that we obtain in 3 years of mass balance estimates (Table 5) during
nitrate-rich, low-Fe(II) periods in the 21-24 m c.v., and during the initial periods of Fe(II)
dominance (11/19/98-12/15/98, 9/16/99-10/29/99). The apparent decrease in Fe(II) sediment
flux after Fe(II) build-up in the water column can be explained through this simple model: as
Fe(II) concentrations increase in the water column and approach concentrations in the pore-
water, the Fe(II) gradient decreases and with it Fe(II) flux from the sediments.
Other explanations for the apparent decrease of Fe(II) sediment flux are possible. For
example, as conditions became more reducing at the sediment water interface precipitation of
remobilized Fe(II) as FeS could also explain this observation. In addition, while it appears that
water column reduction of Fe(III) assumed greater importance than Fe(II) remobilization during
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these time periods, the uncertainty in the transport estimates (for both Fe(II) and Fe(III)) prohibit
the drawing of firm quantitative conclusions about Fe(II) sediment flux (e.g. did it stop
completely or just slow down).
6.3.8 Uncertainty in mass balance estimates
Nitrate emerges as the only reasonable oxidant for explaining Fe chemistry in the 21-24 m
c.v. during the three years studied. When Fe(II) oxidation is summed over the entire season,
conservatively-estimated, non-nitrate oxidant masses explain less than 25% of Fe(II) oxidation
during all three years. The spatial and temporal correlations between nitrate depletion and Fe(II)
appearance corroborate this assertion: nitrate oxidation of Fe(II) is required to qualitatively
explain shapes and positions of Fe(II) and Fe(III) profiles. The narrow range of mass-balance-
estimated Fe(II) fluxes (-1 order of magnitude; Table 5), and the agreement between these
values and expected Fe(II) fluxes (i.e. 1-10 mmol m-2 d~1 based on the rough calculation in
Section 6.3.7, and 0.1 to 1.3 mmol nf 2 d-1 based on observations in other systems) suggests that
the mass balance model provides a reasonable estimate of Fe(II) remobilization rates.
Uncertainty estimates for the mass balance model inputs are summarized in Table 3B; total
uncertainty was calculated by standard methods of error propagation. The majority of
uncertainty arose from the uncertainty in KZ, k'setie, and the time-averaging of Fe(III)
concentrations or gradients over time intervals. Net settling estimates are differences between
two large numbers; as a result, for many time periods, the net settling uncertainty is comparable
to the absolute value.
This model assumes that physical resuspension of particulate Fe into the water column is
insignificant. The fact that appreciable Fe remobilization only became evident after oxygen
depletion (June to July), and not during the prior 2 months of temperature stratification in the
lake, argues that bio-chemical remobilization (i.e. primarily as Fe(II)) was the dominant
mechanism for Fe release to the water column. While natural (wind-induced) and anthropogenic
(e.g. anchoring of boats, moving of sailing buoys) means for physical sediment remobilization
are feasible, the above chemical arguments and the consistency-over-time of Fe profiles argue
that isolated physical events are relatively unimportant.
An additional uncertainty in this mass balance is the importance of mixed valence amorphous
Fe(II)/Fe(III) oxides (DeVitre et al., 1989), the presence of which would require that less Fe(II)
oxidation needed to have occurred than predicted in the mass balance estimates. The small
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differences between digested (0.5 N HC) total Fe(II) and 0.05 gm filterable Fe(II), however,
suggest that mixed valence amorphous iron oxides were relatively unimportant (see Section
6.2.1). If no Fe(II)/Fe(Il) particles were dissolved by the 0.5 N HCl digestion, the largest
impact that such particles could have on the required amount of Fe(II) oxidation is a factor of 2
(i.e. assuming all particulate Fe was 1:1 Fe(II)/Fe(III) oxides, as observed by DeVitre et al.,
1989). If Fe(II) oxidation was in fact 2 times less than the modeled estimates due to the presence
of Fe(II)/Fe(III) oxides, the conservatively estimated non-nitrate oxidants could still explain only
half of the Fe(II) oxidation.
6.4 Importance of Fe(II) oxidation by nitrate - field and laboratory observations
At the lake-scale, nitrate appears to be the only oxidant capable of explaining the redox
chemistry of remobilized Fe in UML during summer and fall anoxia. A strong correlation
between Fe(II) accumulation and nitrate depletion is observable. In addition, mass balance
estimates argue that nitrate is responsible for oxidizing a minimum of 75% of cumulative
remobilized Fe(II) during nitrate-rich, anoxic periods of 1997, 1998, and 1999. Fe(II) oxidation
must have occurred at an average rate of 4.5 pM d- (range of 2 to7 PM d-1).
In a companion study, we tested for Fe(II) oxidation by nitrate in controlled laboratory
experiments with UML water samples (Chapter 5), to confirm this reaction's feasibility in this
system. Anaerobic, biologically-mediated Fe(II) oxidation occurred in duplicate, live
microcosms with sample obtained from the sediment-water interface of UML (-1% solid). 85%
of the initial Fe(II) ([Fe(II)]. = 1.4 mM) was oxidized over the course of 20 days, turning the
slurries' color from deep black to orange-brown. Nitrate was the only oxidant available in
sufficient supply to explain the oxidation. No measurable Fe(II) oxidation occurred in killed
controls (azide and formaldehyde). Large nitrate spikes (10 mM) were used in this experiment to
provide sufficient oxidant for Fe(II) and other reduced species (S(-II), organic C). Therefore,
while these experiments demonstrate the feasibility of Fe(II) oxidation by nitrate, the significant
sample alteration may make the observed oxidation kinetics inapplicable to the field. In order to
assess potential field kinetics, additional experiments were performed on minimally-modified
water column microcosms. Anaerobic live microcosms of water-column samples, spiked with
varying levels of Fe(II) (10-50 pM), exhibited exponential loss of Fe(II) with time. Initial nitrate
concentrations were - 30 pM. Estimated rate constants varied from 0.004 to 0.01 hr-, tending to
decrease with increasing Fe(II) concentration, and corresponding to initial Fe(II) loss rates of 2.4
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to 4.7 pM/d. The recovery of greater than 95% of total Fe in the water column experiments
argues that Fe(II) disappearance resulted primarily from oxidation. Sufficient changes in nitrate
concentration occurred to account for the Fe(II) oxidation, although at such low Fe(II) levels
there is considerably uncertainty as to the role of trace oxygen. Abiotic oxidation in killed
controls was also observed (~0.4 pM d-). While abiotic oxidation may explain a portion of the
Fe(II) oxidation, alone it is insufficient to explain the observed rates. Biologically mediated
Fe(II) oxidation therefore appears necessary to explain the field estimated rates.
7. Conclusions - Fe cycling in nitrogen contaminated lakes
Observations in UML demonstrate that, in nitrogen contaminated lakes, iron cycling may be
controlled by both nitrate and oxygen, as opposed to oxic vs. anoxic conditions alone. While
anoxia in UML triggers Fe release from the sediments, multiple lines of evidence indicate that
nitrate controls iron chemistry in the water column by oxidizing remobilized Fe(II), adopting the
role of water-column oxidant after oxygen depletion. Therefore, in heavily nitrate-polluted
systems, nitrate depletion may actually dictate the timing of Fe(II) dominance in the water
column as opposed to the onset of anoxia.
In UML, nitrification apparently consumed 30-40% of hypolimnetic oxygen and increased
the nitrate pool by 150%, creating conditions that enabled nitrate to assume the role of primary
oxidant in this system during several months of summer/fall stratification. The large reservoir of
nitrate, produced through nitrification at 9-15 m, provided a continual oxidant source to the
deepest waters of the lake through the downward flux of nitrate. Unlike oxygen, the presence of
nitrate in the water column does not appear to prohibit Fe release from the sediments. However,
with nitrate present at the sediment-water interface at all depths, remobilized Fe(II) from lateral
and-bottom sediments was quickly oxidized upon entering the water column, causing iron to
accumulate predominantly as Fe(III). As a result Fe(III) increased with depth, even below the
anoxic-oxic boundary, with no Fe(III) peak in the water column after several months of anoxia,
for as long as nitrate was present.
A distinct Fe(III) peak formed in the water column during 1999 at a depth coincident with the
nitrate-rich/nitrate-depleted interface, analogous to the Fe(III) peak predicted to form at the oxic-
anoxic interface in systems in which nitrate is unimportant (Davison, 1993). One interpretation
of this peak, paralleling the oxic-anoxic explanation (Davison, 1993), is that its formation results
from oxidation of upward diffusing Fe(II) by nitrate. Undoubtedly some Fe(II) diffused up to
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and across the nitrocline. However, the peak's evolving shape over time suggests that Fe(III)
was replaced by Fe(II) below 19-20 m, a process which gradually carved out the Fe(III) peak, as
opposed to the Fe(III) peak's growth as additional Fe(II) diffused upwards and was oxidized.
Mass balance estimates corroborate these qualitative observation. A combination of Fe(III)
reduction in the water column and sediment remobilization of Fe(II) (without an oxidant to
oxidize it to Fe(III)) appear responsible for shifting Fe redox chemistry from predominantly
Fe(III) to a dominance of Fe(II) below the nitrate-rich/nitrate-depleted interface. The presence of
nitrate at and above 19 m would have prevented significant Fe(III) reduction in the water
column, and would have oxidized Fe(II) remobilized from lateral sediments.
Considering the importance of Fe("'1-oxides to the cycling of trace metals and phosphate in
natural systems, both nitrate and oxygen must be considered as Fe(II) oxidants in lakes with
sizable nitrate budgets. The continued production of Fe(III)-oxides after anoxia allows for a
continued sink, via settling, for sorptive compounds in the water column. The implications of
these observations for the cycling of arsenic in UML are discussed in Chapter 6.
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Free energy of Fe(II) oxidation
AGa
(kJ mol-')
1/4 0 2(g) + Fe2+ + '/2 H2 0 4 Fe(OH) 3 (am) + 2 H+ -69
/5 NO 3 + Fe2+ + '2/5 H2 0 4 Fe(OH)3(am) + 1/10 N2(g) + 9/5 H+ -68
/ NO 3 + Fe2+ + 21/8 H20 4 Fe(OH) 3(am) + 1/8 NH4+ + 7/4 H+ -36
/2 NO 3 + Fe2+ + '/2 H20 4 Fe(OH) 3(am) + 1/2 NO2 + 2 H+ -44
'/2 NO 3 + Fe2+ + 9/4 H20 4 Fe(OH) 3(am) + 1/4 N2O(g) + 3/2 H+ -53
15 MnO2 (s) + Fe2+ + 2 H20 4 Fe(OH)3(am) + '/2 Mn2+ + H+ -49
T = 25'C, [NO3~] 40 pM, [NH4I = 40 pM, [NO 2 ] = 4 pM, [Fe2+] = 30 pM, pH = 6.8, [02]= 2 mg/L,
N2 0 = 1 atm, N2 = 1 atm
aSource: calculated from Morel and Hering, 1993
Table 2 Changes in hypolimnetic budgets of NH4*, N03-,
and 02 between 4/8/98 and 6/18/98.
delta NH4+ delta NO3~ delta 02
moles moles moles
9-15 m -139,000 90,000 550,000
15-24 m -82,000 50,000 400,000
sum -221,000 140,000 950,000
NOTE: 2 moles of oxygen required to oxidize each mole of NH4+
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Table I
Table 3A Fe mass transport model
Eqn 1 a) accumulation b) diffusion c) oxidation d) Fe(II) flux from
sediments
a[Fe(ll)] _______I
V . a[Fe(II)] =-Kz21m -[Fe()] Am - k id . [Fe(l)c.. ' Vc*, + Asemes * (sed flux) + Fe(II) reduction= Kztedmezs(sd lu
Eqn 2 a) accumulation b) diffusion c) settle out
V, - a[FeFI I - ] . A im - (vs, f, - [Fe)] 22.5 m. A2m
at C.. da 21m d-CV-
oxid* []e(Il~lcv. ,Vc, Fe(M r
+ ~ (vs . fd - [Fei)]21 m Am2 1 ) + k' . [eWl)., - - Fe(III)reduction
di
d) settle in e) Fe(II) oxidation
Eqn 3 a) accumulation b) diffusion c) settle out
A A
a[Fe(III)]AA[Fe(I)]c .- . At = -K K [e. [ A m -At - veff .[Fe(II)] 22.m A1m . At
21m
+ Veff [Fe(III)]2 m A 21m -At + (Fe(I) remobilization and oxidation)
d) settle in
Mass balance model - terms, model inputs, and uncertainty estimates
Terms in General model (Table 3A Eqn 1 and 2)
d[Fe(II)I/dtl,, change in Fe(II) and Fe(III) with
' respect to time in the control Asediments sediment area of control volumed[Fe(llI)I/dtcv 
volume
2 S- vertical turbulent transport particle diameter of size i and
coefficient di, fdi the fraction of total Fe(III)
present as size di
lake area at 21 m and volume of 21- settling velocity (Stokes settling)
A2lm, Vc"- 24 m c.v., respectively v5  of particle di
pseudo-first order rate coefficient to
k'0 xid (d-1) express oxidation of remobilized
Fe(II) (not actually determined)
Model Input Description, value, and/or means of estimation and estimate of uncertainty
Interval volumes within the 21-24 m c.v. = 0.11 x 1 0 6 m3 ± 10%, 0.093 x 106m3V2 1 ,2 2 V22-23 ' 10%, 0.075 x 106 x 106 M3 , respectively. Estimated from a best fit curve to UML
V 2 bathymetric data.
[Fe(III)] 21.5, linearly interpolated from Fe(III) values at 21-22 m, 22-23 m, and 23-24 m.[Fe(III)122.5 , Uncertainty assumed to be ±10%
[Fe(III)] 22.5
A 2 1m 0.12 x 106 m2  10%
d[Fe(III)] (avg. gradient over time period at 21 m) ± (standard deviation of gradient range)
dz
veff 0.024 m d-1  0.012 (i.e. ±50%)
K, 0.02 cm 2 s- ±0.01 (i.e. ±50%)
At no uncertainty used (maximum possible uncertainty <12 hours = 3%, so insignificant
relative to other error)
[Fe(III)]2 2.5 m (avg conc over time period) ± (standard deviation of conc. range)
[Fe(III)] 21 m (avg conc over time period) ± (standard deviation of conc. range)
Mass balance Calculation and uncertaintyterm
= (V± I0%)i - ([Fe(III)], t ± 10% - [Fe(III)]i, t=j+At ± 10%)
accumulation where i represents subintervals within the 21-24 m control volume (i.e. 21 to 22 m for
the 21 m slice of the control volume, in order to more accurately portray Fe
concentrations within the c.v.), t=j is beginning of time interval, t=j+At the end
net settling = (veff 50%) - ([Fe(III)22.m]avg ± s.d. - [Fe(III)21mavg s.d.) e (A 2 1m ± 10%) - At
turbulent
diffusion = (K, 50%)- fc; - (d[Fe(III)/dzlavg-21m ± s.d.) - (A 2 1m i 10%) - At
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Table 3B
Table 3C veff estimates
where:
Veff " Y( vj efi); effective piston velocity for Fe(III) settling
Veff = _ z Jz = measured Fe flux from sediment trap[Fe(III)], [Fe(II1)]z = Fe(IIl) conc. at z during trap exposure
sed. trap depth (z) avg Fe(III), over Jz Vefftime interval (moM-2 d') (m d')
5 1.7 22 0.23
11 1.4 19 0.23
14 2.4 23 0.18
18 7.7 15 0.034
21 38.0 50 0.024
Table 3D Estimated Kz's at 18 m
Time Period K, (cm 2 s") Time Period K, (cm 2 s1)
8/8/97 to 9/16/97 0.020 11/19/98 to 12/16/98 0.022
9/16/97 to 10/22/97 0.012 7/7/99 to 8/4/99 0.032
10/22/97 to 11/18/97 0.026 8/4/99 to 9/16/99 0.021
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9/14/98 to 10/15/98 0.036 11/18/99 to 12/9/99 0.018
10/15/98 to 11/19/98 0.034 average 0.009
8/3/98 to 9/14/98 0.040 9/16/99 to 11/18/99 0.025
Table 4A 1997 Fe(III) Budget - 21-24 m control volume
7/30/97 - 8/27/97 - 9/16/97 - 10/22/97 -
process 8/27/97 9/16/97 10/22/97 11/18/97
Iron (e- equiv)
a A Fe(III) 11,000 1200 2,500 ± 1400 -58008± 1300 1600 1100
net net net net
b Fe(III) settling out 6900 8900 14600 9400
1600 - 3200 5300 2100
c Fe(III) settling in 5300 ±2400 5700 ±2300 9400 ±5600 7300 ±1900
d Fe(III) turb. diff. out 6000 ± 2500 11000 ±7200 16700 ± 14100 4400 ±2300
e Calculated oxidation of 18600 ± 3700a 16700 ± 7700 16200 ± 15200 8100 ± 3200e Fe(II) from sediments ______________________________
Oxidants (e equiv)
f 02 initially available in 0-6,800 - -
control volume
g 02 flux in - - - -
h Mn settling in 280 200 360 260
Mn(IV) in c.v. volume at 0- 1300 0-4,000
beginning of time interval max 2 pM Mn(IV) max 6 pM Mn(IV)
j N03- consumed within c.v. 30,000 17,000 -1,800* 9,000
net N0 3~ flux in
k (need to recalculate for 21,300 24,000 32,700 12,700
proper Kz)
electron equivalents exchanged
Fe(II) oxidation 18600 ± 3700 16700 ±7700 16200± 15200 8100 ±3200
(oxidation rate) (5.5 FM d1) (6.9 pM d-') (5.2 pM d-') (2.5 pM d-')
m E non-nitrate oxidants 280 - 8,400 200 - 4,200 360 260
n % Fe(II) oxidation 55% 75% 98% 97%
unaccounted for
&Fe(II) oxidation = (row a) + (row b) - (row c) + (row d); Compare with Table 3 Equation 3.
aOverall uncertainty calculated as the square root of the sum of squares of the contributing uncertainties
(i.e. (a2 + b2 + c2) 2 )
-50% of decrease results from drop in total Fe and -50% from slightly elevated Fe(II). Fe(II) levels decrease
by 11/18/97. See Figure 6B and Figurel.2A.
*Nitrate levels were roughly constant, or average concentration increased slightly during this time interval.
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1998 Fe(III) Budget - 21-24 m control volume
proess8/3/98 - 9/14/98 - 10/15/98 - 11/19/98 -process 9/14/98 10/15/98 11/19/98 12/16/98
Iron (e equiv)
a A Fe(III) 10100 1500a -2300 ±1800 1200 ± 1700 -8000± 1500
b Fe(III) settling out 19100 17200 19500 13000
7900 - 5200 ~ -- ~~ 4000 539
c Fe(III) settling in 11200 ±11600 12000 ±3000 15500 ±4300 12400 ±4400
d Fe(III) turb. diff. out 11800 6900 8900 ± 5100 7700 ±3900 2300 ±3900
e Calculated oxidation of 29800 ±13600 11800 ±6200 12900± 6000 -5200 ± 6100Fe(II) from sediments (reduction)
Oxidants (e" equiv)
f 02 initially available in 0-6,800 - -control volume
g 02fluxin - - - -
h Mn settling in 420 310 350 270
Mn(IV) in c.v. volume at
beginning of time interval
. N03 consumed within 33,000 3,900 26,000 N.A.
k net NO3 flux in 43,000 35,300 33,400 N.A.
electron equivalents exchanged
Fe(II) oxidation 29800 ±13600 11800± 6200 12900 ±6000 NA.
(oxidation rate) (5.9 pM d-') (3.2 pM d-') (3.1 pMd') .A.
m E non-nitrate oxidants 420 to 7,200 310 350 N.A.
n % Fe(II) oxidation 76% 97% 97% N.A.unaccounted for I
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Table 4B
1999 Fe(III) Budget - 21-24 m control
proess7/7/99 - 8/4/99 - 9/16/99 - 10/29/99 - 11/18/99 -process 8/4/99 9/16/99 10/29/99 11/18/99 12/9/99
Iron (e equiv)
a A Fe(III) 2500 1400 3600 ±1600 140900 5 -7000
b Fe(III) settling out 9500 23200 17500 4500 2000
- 2300 ~~-~ 7900 ~-~~~ -1100 --- -2200 ~~- -1300
c Fe(III) settling in 7200 ±7300 15000 ±8400 18600 ±9600 6700 ±2000 3400 ±4700
2000 ± -3300 -5700±d Fe(III) turb. diff. out 7700± 4100 11500 ± 6100 7600 1800 3200
(flux in) (flux in)
Calculated oxidation 12500 ± 23000 ± -10000 -9000 -14000 ±
e of Fe(II) from 8500 10500 12300 2800 5700
sediments (reduction) (reduction) (reduction)
Oxidants (e- equiv)
f 02 initially available 0-6800 - - -
in control volume
g 02fluxin - - - --
h Mn settling in 280 430 430 200 210
Mn(IV) in c.v.
i volume at beginning - - - - -
of time interval
N03- consumed 8,000 25,500 
-
-
within c.v.
k net N03- flux in 51,000 83,500 - -
electron equivalents exchanged
Fe(II) oxidation 12500 ± 23000 ±
(oxidation rate) 8500 10500 N.A. N.A. N.A.(3.7 VM d-') (4.5 M d-')
E non-nitrate oxidants 300-7100 430 430 200 210
%Fe(II) oxidation 43% 98% N.A. N.A. N.A.
unaccounted for _____________
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Table 4C
Table 4D Fe(III) and Fe(II) budgets during Fe(II)-dominant, nitrate-
depleted periods (21-24 m c.v.)
11/19/98 - 9/16/99 - 10/29/99 - 11/18/99 -process 12/16/98 10/29/99 11/18/99 12/9/99
Iron (moles)
a A Fe(II) 10400 15500 6200 10800
b Fe(II) diffusion out 1300 144 1200 4000
C reductionto Fe(II) $ 5200 10000 9000 14000
d* Fe(II) release from 6500 5600 -1600 800sediments*
Sediment Fe(II)
remobilzation 2.0 1.1 -0.7 0.3
(mmol m 2 d-1)8_
5Row a same as row e in Tables 4B and 4C
*Row d calculated by difference = (row a + row b) - (row c)
&Sediment Fe(II) remobilization = (row d)/(sediment area)/At
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Estimated Fe(II) sediment fluxes 1997-1999
Estimated Estimated
Fe(Il) Fe(fI)
remobilization remobilization
Time period (mmol m-2 d') Time period (mmol m-2 d")
7/30/97 to 8/27/97 5.5 11/19/98 to 12/16/98 2.0*
8/27/97 to 9/16/97 6.9 7/7/99 to 8/4/99 3.7
9/16/97 to 10/22/97 5.2 8/4/99 to 9/16/99 4.5
10/22/97 to 11/18/97 2.5 9/16/99 to 10/29/99
8/3/98 to 9/14/98 5.9 10/29/99 to 11/18/99 -0.7*
9/14/98 to 10/15/98 3.2 11/18/99 to 12/9/99 0.3*
10/15/98 to 11/19/98 3.1
*time intervals with elevated levels of Fe(II) measured in the water column. Fe(II) resulting from
Fe(III) reduction subtracted before calculating sediment remobilized Fe(II).
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Table 5
Figures Chapter 4
Figure 1 Iron cycling in the hypolimnion of a seasonally anoxic lake (after Davison, 1993)
Figure 2 Upper Mystic Lake, Winchester, MA.
Figure 3 A) Depth vs. Temperature - 1997. B) Depth vs. Dissolved Oxygen - 1997
Figure 4 Nitrogen conversions in early spring. Solid symbols = ammonium, open symbols
= nitrate. A) 1998; B) 1999
Figure 5 Nitrate contours for A) 1997; B) 1998; and C) 1999. D) ammonium 1998.
Figure 6 Hypolinmetic iron chemistry: A) 1997 total Fe; B) 1997 Fe(II) - Vacuvial; C)
1998 total Fe; D) 1998 Fe(II) - Vacuvial; E) 1999 total Fe; F) 1999 Fe(II)
unfiltered ferrozine for most dates; G) 1997 Fe(III)cac; H) 1998 Fe(III)cac; 1) 1999
Fe(III)caic - NOTE: for bottom three depths of 12/9/99 Fe(III)cic, [Fe(II)measured]>
[total Fe], so [Fe(III)caic] = 0 assigned.
Figure 7 Total and 0.05 pm filterable Fe at 20 and 22m in 1996 and 1997. Filtration
conducted in situ, as described in Chapter 2.
Figure 8 A-F) Comparisons of Vacuvial, unfiltered ferrozine, and filtered ferrozine for
determining Fe(II). H) background absorbance vs. Fe(III) (PM) during 1999 field
season.
Figure 9 A) Apparent and actual (see description in text) sediment nitrate demand (SND,
mmol m 2 d-) during 1997. Actual SND assumes K, = 0.03 cm 2 s-. B) NO3 ~
consumption vs. NH 4' production in the 21-24 m c.v. in 1998, including import
and export, respectively, by turbulent diffusion. Assume K, = 0.03 cm2 s-.
Absolute value of nitrate assigned an initial value of ~65000 moles on 6/18/98.
From 6/18/98-8/3/98, 8/3/98-9/14/98, and 10/15/98-11/19/98, NO3 depletion and
NH 4' accumulation represented -35% of consumption and production,
respectively. From 9/14/98-10/15/98, they only represented 10%. The
importance of turbulent diffusion explains a portion of the linearity and the
similar slopes. However, change in storage of N03- and NH4' during 1998 are
also well described by linear fits to the data (not shown).
Figure 10 A-F) Progression of nitrate, Fe(II), and Fe(III) profiles throughout the 1999 field
season..
Figure 11 A) Sediment-normalized mass of Fe(II) (mmol m 2 ) vs. nitrate throughout 1997,
1998, and 1999. Each data point represents a depth-date pair of nitrate and Fe(II)
concentrations. B) Sediment-normalized mass of total Fe (mmol m 2 ) vs. nitrate
throughout 1997, 1998, and 1999.
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Figure 12 A) Mass (in moles) of dissolved oxygen, nitrate, total Fe, and Fe(II) in the 21-24
m c.v. during summer-fall 1997. B) 21-24 c.v. and the various flux terms.
C) Fe(III) accumulation and mass transport into and out of the 15-21 m c.v.
Figure 13 Fe and Mn settling flux estimates from sediment traps exposed between 8/15/97
to 9/16/97.
Figure 14 Near-bottom temperature profiles used for K, determination A)1997, B)1998, and
C) 1999.
Figure 15 A-C) Summary of iron and oxidant mass balance results for 1997-1999. Error
bars represent propagated uncertainty, as estimated in Tables 4(A-C).
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Hypolimnetic Fe Cycling - Summer and Fall Stratification
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Chapter 5 Coupled N and Fe cycling in the hypolimnion of a dimictic, N- and
As-polluted lake: 2. Laboratory study
Abstract
Controlled microcosm experiments were conducted to test the hypothesis that oxidation of
Fe(II) by nitrate can explain field observations of Fe cycling in the anaerobic, but nitrate-rich,
hypolimnion of Upper Mystic Lake (UML; Winchester, MA). Lake-scale mass balance
estimates, presented in Chapter 4, required that the high levels of nitrate that persisted throughout
fall stratification and anoxia were responsible for oxidizing the majority of Fe(II) in the
hypolimnion of UML at rates of approximately 2 to 7 pM d-1. In this study, anaerobic,
biologically-mediated Fe(II) oxidation occurred in duplicate, live microcosms with sample
obtained from the sediment-water interface of UML (-1% solid; T = 4C). 85% of the initial
Fe(II) ([Fe(II)]O = 1.4 mM) was oxidized over the course of 20 days, turning the slurries' color
from deep black to orange-brown. Nitrate was the only oxidant available in sufficient supply to
explain the oxidation. No measurable Fe(II) oxidation occurred in killed controls (azide and
formaldehyde). Large nitrate spikes (10 mM) were used in this experiment to provide sufficient
oxidant for Fe(II) and other reduced species (S(-II), organic C). Therefore, while these
experiments demonstrate the feasibility of Fe(II) oxidation by nitrate, the significant sample
alteration may make the observed oxidation kinetics inapplicable to the field. In order to assess
potential field kinetics, additional experiments were performed on minimally-modified water
column microcosms. Anaerobic live microcosms of water-column samples, spiked with varying
levels of Fe(II) (10-50 pM), exhibited exponential loss of Fe(II) with time. Initial nitrate
concentrations were ~30 pM. Estimated rate constants varied from 0.004 to 0.01 hr-', tending to
decrease with increasing Fe(II) concentration, and corresponding to initial Fe(II) loss rates of 2.4
to 4.7 M/d. Disappearance of Fe(II) in killed controls was also observed, although at
significantly slower rates (-0.4 pM d-). The recovery of greater than 95% of total Fe in the
water column experiments argues that Fe(II) disappearance resulted primarily from oxidation.
Nitrate was capable of explaining Fe(II) oxidation on a mass basis (i.e. electron balance) in the
water column experiments. However, at such low Fe(II) levels, there is considerable uncertainty
as to the role that trace oxygen may have played in oxidizing Fe(II). Whether by nitrate or by
oxygen, the water-column microcosm observations are significant in that they demonstrate the
potential for an important biological role in Fe(II) oxidation under suboxic or anaerobic
conditions.
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1. Introduction
Stormwater and agricultural runoff (i.e. fertilizer), combined sewer overflows (CSO's), septic
systems, and industrial pollution deliver ammonium and nitrate to receiving water bodies [MA
DEQE, 1982; Gelda et al., 2000]. Nitrate's role as a key nutrient (along with phosphate) in
eutrophication is widely recognized, as is the importance of denitrification to anaerobic
respiration in hypolimnions of seasonally anoxic lakes and in lake sediments [Wetzel, 1983;
Seitzinger, 1988; Mengis et al., 1997]. The coupling of nitrogen cycling with other important
elemental cycles in lakes (e.g. Fe, S, trace metals) has received less attention in the limnological
literature, despite nitrate's ability to yield comparable levels of energy as commonly-studied
analogous reactions with oxygen. Based on observations in Upper Mystic Lake (UML;
Winchester, MA), we suggest that biologically mediated Fe(II) oxidation, with nitrate as the
terminal electron acceptor, may dominate Fe cycling in seasonally anoxic lakes with heavy
nitrate and ammonia inputs (Chapter 4). Amorphous Fe("')-oxide particles and colloids, the
oxidation product of this reaction [Davison, 1993], are extremely efficient scavengers of
phosphate and numerous trace metal(oid)s [Dzombak and Morel, 1990]. The continued
authigenic production of solid Fe(III)-oxides under anoxic conditions, and the aggregating and
settling of these solids from the hypolimnetic water column, would provide a continued sink for
sorbing chemicals throughout anoxia, minimizing net remobilization from the sediments of
phosphate, arsenic and other sorptive pollutants.
Laboratory experiments, in pure and enrichment culture, have demonstrated the physiological
feasibility of Fe(II) oxidation by nitrate amongst organisms from a wide range of aquatic
sediment environs [Straub et al., 1996; Benz et al., 1998]. In addition, a few lake-scale studies
have invoked coupled nitrate-reduction/iron-oxidation postfacto to explain observations of
Fe(II) oxidation in excess of that which can be accounted for by oxygen [DeVitre et al., 1988;
Davison, 1993; Belzille et al., 1996]. Thus far, though, no studies have systematically tested the
hypothesis that nitrate oxidation of Fe(II) can dominate Fe cycling in suboxic/anoxic water
columns of lakes. In a companion paper to this study (Chapter 4), we demonstrate, through mass
balance arguments at the field scale, that Fe(II) oxidation by nitrate is both necessary and
sufficient to explain Fe cycling in the hypolimnion of UML throughout late-summer and fall
stratification. The process appears to have significant implications for the cycling of arsenic in
this contaminated urban lake (Chapter 6). We report here on controlled laboratory experiments
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that demonstrate an important role for biologically mediated, nitrate-dependant Fe(II) oxidation
in UML.
2. Background
2.1 Fe cycling in lakes
The surfaces of Fe(III)-oxides scavenge phosphate and trace metals from solution [Dzombak
and Morel, 1991]. The settling of particulate Fe(III) can thereby act as a major sink for sorptive
chemicals in the water column of lakes [e.g. Sholkovitz and Copland, 1982; Sigg et al., 1987;
Benoit and Hemond, 1990; Davison, 1993]. Insight into the mechanisms that control Fe(II)
oxidation enhances the lake-scale understanding of eutrophication and trace metal transport
processes. Davison (1993) presents a widely accepted model for iron cycling in seasonally
stratified lakes. According to this model, upon stratification and depletion of oxygen in a lake's
bottom waters, Fe(III)-oxides in the sediments become the highest energy-yielding electron
acceptor for anaerobic respiration. Respiratory dissolution of sedimentary Fe(III)-oxides
releases Fe(II) and sorbed trace metals into the water column [Lovley, 1991]. The model
forecasts that peaks in particulate and dissolved iron grow and gradually move upwards in the
water column as anoxic conditions develop at shallower depths. The shape, size, and relative
position of these peaks represents a balance of several processes: remobilization of Fe(II) from
the bottom and lateral sediments, and relatively fast horizontal dispersion (horizontally well-
mixed); upward diffusion of Fe(II); kinetics of Fe(II) oxidation upon diffusing across the "redox-
boundary"; aggregation and settling of particulate Fe(III)-oxides; and dissolution of settling
particulate Fe(III). The generalized model suggests that Fe(II) oxidation primarily occurs
through abiotic oxidation by oxygen [Davison and Seed, 1983; Davison, 1993], and many
observations of Fe cycling in lakes reported in the literature can be explained within this
framework. A subset of lake studies have required additional oxidant(s) to explain their
observations [DeVitre et al., 1989; Davison, 1993; Belzille et al., 1996].
2.2 Aerobic Fe(II) oxidation in hypolimnia
In seasonally anoxic lakes, bacterial reduction of Fe(III) plays an important, well-
documented role in Fe(II) remobilization from sediments [Lovley and Phillips, 1986; Lovley,
1993; Davison; 1993]. Interestingly, however, the importance of bacteria to the oxidation of
Fe(II) in lakes - essentially the other "side" of the Fe cycle - has gone underexplored. This is
perhaps because fast abiotic oxidation in the presence of oxygen can explain most Fe(II)
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oxidation observations in oxic water columns [Davison and Seed, 1983]. At circumneutral pH,
bacteria can not compete for Fe(II) against the abiotic oxidation rate when oxygen concentrations
are near saturation. However, they may be competitive under lower oxygen conditions. For
example, Fe(II) half-life is approximately 30 minutes at pH = 7 in air-saturated natural water
[Stumm and Morgan, 1996; Davison and Seed, 1983], but approximately 50 times slower under,
the suboxic conditions ([02]~ 5 pM) that can prevail during measurable Fe(II) remobilization in
lake hypolimnia. Laboratory studies have demonstrated that bacteria can mediate Fe(II)
oxidation by oxygen at circumneutral pH in so-called gradient settings, i.e. at oxic/anoxic
interfaces where low levels of Fe(II) and oxygen coexist [Emerson and Revsbech, 1994;
Emerson and Moyer, 1997]. If one considers ferrous iron's longer half-life under these
conditions, and the fair amount of energy to be gained from mediating this reaction (Table 1), it
is plausible that bacteria could contribute significantly to water column aerobic Fe(II) oxidation
during suboxic conditions.
2.3 Evidence suggesting a role for coupled nitrate-reduction/Fe(II)-oxidation
After oxygen depletion, in nitrogen polluted lakes, coupled nitrate-reduction/Fe(II)-oxidation
may play an important role in Fe cycling. The oxidation of Fe(II) by nitrate is nearly as
thermodynamically favorable as aerobic oxidation (Table 1). Further, the ability of bacteria to
mediate aerobic iron oxidation has been documented in laboratory studies of organisms enriched
and/or isolated from a number of sediment environs [Straub et al., 1996; Benz et al., 1998]. In 9
out of 10 enrichment cultures of sediment samples from freshwater, estuarine, and marine
systems, bacteria oxidized Fe(II) to Fe(III) while reducing nitrate primarily to N2 [Benz et al.,
1998]. Several strains of common denitrifying bacteria, with no prior exposure to Fe(II), were
capable of carrying out this process. This highlights the possibility that, in systems where nitrate
is abundant and the highest energy-yielding electron acceptor (thereby dictating the
physiological make-up of the bacterial community), coupled Fe(II)-oxidation/nitrate-reduction
may occur when Fe(II) is available. However, no rate estimates of biologically mediated Fe(II)
oxidation by nitrate, at natural levels of Fe(II) and nitrate, have been made. Nitrate-dependent
biological mediation of Fe(II) oxidation has also been recently noted to occur in sewage sludge
[Nielsen and Nielsen, 1998].
Laboratory studies have assessed the abiotic reduction of nitrate by Fe(II); these studies were
typically designed to view the rates of nitrate disappearance, and thus Fe(II), NO2 and N0 3
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were typically present at high levels, making difficult the extrapolation of rates down to natural
conditions. Abiotic oxidation of Fe(II) by nitrate proceeds at reasonable rates (e.g. t/2 ~ days to
weeks) at pH > 8 and in the presence of sufficient levels of catalysts (e.g. Cu, Mn, Ag, Sn), and
this reaction may be important in groundwater systems [Ottley et al., 1997; Van Hecke et al.,
1990; Buresh and Moraghan, 1976]. However, at the temperature, pH, and typical catalyst
concentrations of natural surface water systems (e.g. anoxic hypolimnetic lake water), abiotic
oxidation of Fe(II) by nitrate appears unimportant [Ottley et al., 1997; Buresh and Moraghan,
1976]. Nitrite, on the other hand, oxidizes Fe(II) more quickly [Moraghan and Buresh, 1977],
with rates significantly enhanced by the addition of Cu2 ,. However, nitrite, as an intermediary in
nitrification and denitrification, seldom accumulates to high levels in natural systems (less than
5% of total inorganic N).
Several studies have argued, based on ecosystem-scale mass balance estimates or qualitative
observations, that oxygen alone can not explain the observed levels of Fe(II) oxidation occurring
in various environmental systems [Lakes: Davison, 1993; Davison, 1981; DeVitre et al., 1988;
Belzille et al., 1996; Black Sea: Murray et al., 1995; Lewis and Landing, 1991;
Groundwater/porewater: Postma and Boesen, 1991; Froelich et al., 1979]. The lake studies
suggested either settling Mn(IV) or nitrate were acting as Fe(II) oxidants. These studies are
further described in Chapter 4, and provide ecosystem-scale evidence for Fe(II) oxidation by
oxidants other than oxygen. However, tests to confirm that Fe(II) oxidation by nitrate, abiotic or
biologically mediated, was a viable mechanism in these systems were not undertaken.
2.4 Site description and motivation for study
Upper Mystic Lake, a eutrophic, dimictic, kettlehole lake (zmax = 24 m; Zavg = 15 m; Asurface ~
50 ha; V = 7x10 6 i 3 ), has received inputs of ca. 104 kg of arsenic and similar amounts of other
toxic metals due to upstream industrial activity during the past century (Aurilio et al., 1995;
Hemond, 1995; Spliethoff and Hemond, 1996). Because of the high levels of As in the
sediments, this lake has been studied considerably to understand mechanisms of As
remobilization and cycling in the water column [Spliethoff et al., 1995; Trowbridge, 1995;
Aurilio et al., 1994]. The lake's large hypolimnetic oxygen deficit results in the onset of suboxic
to anoxic conditions by early-July, initiating measurable arsenic and iron remobilization from
the sediments (Chapters 2, 4, and 6; Spliethoff et al., 1995; Trowbridge, 1995). By early fall,
hypolimnetic Fe and As levels increase to 10 to 100 times their concentrations under oxic
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conditions, with a net remobilization of 5 to 15 kg As and several thousand kilograms of Fe.
However, even after several months of anoxia, at representative depths 95% of remobilized As
and Fe were found associated with particles larger than 0.05 pm. All of the particle-complexed
As can be explained by sorption on the surfaces of amorphous Fe(III)-oxides, as demonstrated
through surface complexation modeling (Chapter 2). The vast majority of arsenic, apparently
complexed by Fe(III)-oxides, was thus subject to removal from the water column by aggregation
and settling (Chapter 6), a process that may minimize net As remobilization by 40%.
Particulate Fe(III)-oxides are therefore of demonstrated importance to As cycling in UML,
and an oxidant other than oxygen appeared necessary to explain the amount and pattern of
Fe(III) accumulation that persisted in the water column throughout fall stratification.
Stormwater runoff, combined sewer overflows (CSO's), and historic upstream industrial
pollution contribute heavy loads of both ammonium and nitrate to UML [MA DEQE, 1982].
High levels of in situ nitrate production superimposed on already high prestratification
concentrations of nitrate (~80 pM) combine to create several months of oxygen-depleted yet
nitrate-rich conditions in the hypolimnion (Chapter 4). We hypothesized that nitrate was
oxidizing remobilized Fe(II) considering: i) the thermodynamic feasibility of Fe(II)-oxidation by
nitrate (Table 1); ii) evidence in the literature for the biological mediation of this reaction; and
iii) the large pool of nitrate present throughout stratification. To test this hypothesis, we coupled
field and laboratory studies to assess the importance of this process at the field scale, as well as
characterize its mechanisms (e.g. abiotic vs. biologically mediated) through controlled laboratory
experiments with lake water.
3. Methods
3.1 Study design
Simultaneous field and laboratory studies were undertaken to assess the significance of Fe(II)
oxidation by nitrate in the seasonally anoxic, but nitrate-rich hypolimnion of UML. The findings
of the field study are presented in a companion paper (Chapter 4). The laboratory portion of the
study consisted of microcosm experiments using samples collected from the sediment-water
interface (-1% solid) and the anoxic, nitrate-rich water column. The goals of these experiments
were:
" to assess the feasibility of Fe(II) oxidation by nitrate in this system;
" to differentiate between biologically mediated and abiotic oxidation; and
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* in minimally modified microcosms, to obtain estimates for potential in situ kinetics of Fe(II)
oxidation by nitrate.
Slurry samples from the sediment-water interface, containing naturally high levels of Fe(II)
(2mM), were returned to the lab and spiked with nitrate (10 mM). Fe(II) concentrations were
measured over time in live bottles and killed controls to discern between the contributions of
abiotic and biologically-mediated Fe(II) oxidation by nitrate in anaerobic microcosms. Water
column samples were only minimally modified (spiked with low levels of Fe(II)) to assess the
significance (i.e. the kinetics) of this process under conditions closely approximating those in
situ.
3.2 Water column microcosms
3.2.1 Sample collection
Samples and field measurements were obtained from a permanent buoy positioned in the
deepest region of the lake. Dissolved oxygen, temperature, specific conductance, and pH were
measured in situ using a submersible probe unit (Hydrolab MiniSonde); a pressure transducer in
the probe unit determined depth. Water samples were collected by means of a peristaltic pump,
with acid-washed vinyl tubing attached to the Hydrolab housing. At the desired depth, the
tubing was flushed with approximately 4 volumes of water before collecting samples. Sample
was pumped into 1 L acid-washed, autoclaved glass bottles with glass-ground stoppers (bottles
wrapped in aluminum foil to exclude light). For the water column microcosm study, samples
were collected at 19 m on 11/12/98. Sterile lengths of tubing were inserted to the bottom of the
bottle and lake water allowed to overflow for four times the volume before capping. Samples
were maintained on ice and in the dark until they were dispensed the following morning.
3.2.2 Microcosm preparation
Anaerobic and sterile techniques were used throughout the experiment, as was prepurified N2
(02 < 1 ppm), further 0 2-scrubbed by passing through a heated copper column. Within 24 hours
of sample collection, the 1 -L BOD bottle was re-stoppered with a sterile silicon-rubber stopper.
Two lengths of sterile, plastic tubing had been pre-inserted through the stopper: one for
pressurizing the bottle, and the second for exiting liquid. The BOD bottle was then pressurized
with N2, allowing lake water to flow through the tubing into N2-flushed serum bottles (-100 ml).
Samples were bubbled with N2 for 4 minutes before capping with butyl rubber stoppers and
aluminum crimps. Samples were further N2-bubbled for 17 minutes through the septum using
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inlet and outlet needles, thereby rigorously preventing oxygen entrainment. The addition of
reagents and extraction of sample from sealed bottles was accomplished using anaerobic sterile
techniques (e.g. flaming bottle septa, 0.2 ptm filtering all spikes) and N2 flushed sterile syringes
and needles. "Live" microcosms were spiked to several different initial Fe(II) concentrations
with de-oxygenated FeCl2 solution. Controls were treated similarly to live bottles.
Approximately 3 ml of N2-purged Guillard's antibiotic solution (containing 162500 units
penicillin G sodium, 5 mg streptomycin sulfate, and 2 mg chloramphenicol per ml) was added to
duplicate 70 ml bottles. Two additional bottles were autoclaved at 121"C for 1 hour, and
subsequently purged with N2 as described above. Both sets of killed controls were then spiked
with Fe(II). Two filtered controls were also prepared. Lake water was dispensed into a large
(100 ml) plastic syringe and slowly pushed through 5 jim and 0.45 pm filters in series; a second
filtered control was filtered through 5 pm and 0.2 pm filters. After filtration, the samples were
bubbled as before and then spiked with Fe(II).
Since the in situ nitrate concentrations was 28 pM at the time of collection, no additional
nitrate was necessary in the water column microcosms.
3.2.3 Subsampling and analysis
Throughout the course of the experiment, all bottles were stored in the dark and at 40C to
simulate in situ conditions. Before subsampling, bottles were gently shaken to resuspend any
particles. For each timepoint, 5 ml of sample was extracted by first injecting an equal volume of
N2 into the serum bottle. 1 ml of this subsample was acidified to 5% HNO3, and refrigerated
until analysis by graphite furnace atomic absorption (GFAA, Perkin Elmer 4100ZL) for total Fe
and total manganese. For the determination of total Fe(II), 1 mL of unfiltered sample was
acidified immediately to 0.5 N HCl to release loosely bound particle-associated Fe(II) as well as
prevent Fe(II) oxidation [Lovley and Phillips, 1986]. Another aliquot was first filtered through a
0.02 pm filter (Whatman Anotop 10, sacrificing the first several pore volumes to rinse filter),
and immediately acidified to 0.5N HCl for the determination of "dissolved" Fe(II). Samples
were "digested" at 0.5 N HCI for approximately 30 to 60 minutes. 0.75 ml of acidified sample
was then added to 0.75 ml acetate buffer (final pH -6 ) containing 1 g/L ferrozine, and
absorbance (% = 562 nm) measured in 1 cm plastic cuvettes [Stookey, 1970]. Prior tests
demonstrated that absorbance remained unchanged when digestion time was varied from 15
minutes to greater than 4 hours, indicating that dissolution is rather quick and confirming that
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neither oxidation nor reduction of Fe occurs at this low pH. Unfiltered, acidified samples were
first filtered through a 0.02 pm filter before being added to the buffer. Nitrate was measured by
ion chromatography (Dionex AS4A-SC column, ASRS-I suppressor, 1.8 mM NaHCO3/1.7 mM
Na 2CO3 eluent at ~ 2 ml min') at the beginning of the experiment in a separate sample collected
at the same depth and time as the microcosm bottle. Nitrate was not measured at each time point
due to the small changes in nitrate with time (because 1 mole of nitrate can oxidize 5 moles of
Fe(II)). Nitrate was again measured in bottles 5, 6, 9 and 10 (replicates of the 15 and 50 pM
spikes, respectively), after 145 hours.
While pH is extremely important when investigating abiotic aerobic Fe(II) oxidation kinetics
(i.e. a factor of 10 increase in oxidation rate per 0.5 increase in pH), differences in pH do not
appear to similarly impact the kinetics of biologically mediated Fe(II) oxidation by nitrate. The
Fe(II) oxidation rates in the enrichment cultures of the nitrate-reducing/iron-oxidizing bacteria
studied by Benz et al. (1998) and Straub et al. (1996) changed little when pH was varied between
6.5 and 8. For this reason, and in order to minimize disturbances to the microcosms, water
column microcosms were not further amended to maintain in situ pH levels (i.e. no buffer
added). Since samples were collected from the hypolimnion after approximately 7 months of
stratification, the samples were likely somewhat oversaturated with respect to C0 2, based on the
typical pH at this depth and time of approximately 6.7. During the bubbling of samples, excess
CO2 was undoubtedly stripped from solution, thereby raising the pH. A pH of 7.2 measured in
one sample immediately after bubbling confirms that some CO 2 stripping occurred. At a few
time points during the experiment, aliquots of samples were measured for pH. Due to the small
sample volume, a microelectrode (precision ± 0.3) was used, and samples were found to have pH
values between 7.1 and 7.6.
3.2.4 Oxygen controls
Oxygen measurements were not performed on the actual microcosms because high levels of
Fe(III) (- 50 VM) interfered with the colorimetric oxygen measurement. However, tests of this
oxygen stripping technique on air-saturated Milli-Q water samples found it to be more than
sufficient, reducing oxygen levels to below detection limits of 1 pM (Chemetrics vacuvials) after
only 10 minutes into the final purge (Figure 1A; method details in figure caption). Further tests
demonstrated that subsampling from the bottle did not add appreciable levels of 02 (FigurelB;
method details in figure caption). In addition, oxygen concentrations were found to be below
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detection limits after bubbling with un-scrubbed gas, suggesting that the condition of the
scrubber was unimportant (Figure 1B). The actual field sample used for the microcosms had
initial oxygen concentrations of less than 5 pM (based on field measurements at the time of
collection), as compared to the initially air-saturated controls (-300 pM). Based on these results,
initial oxygen concentrations in the actual water-column microcosms should have been less than
1 pM, and would have remained so after subsampling throughout the experiment.
An additional oxygen contamination test was conducted using anaerobic bottles (prepared as
above) containing 0.05 M Trizma buffer at pH = 8 (Figure IC; method details and discussion in
figure caption). The rational behind this experiment is that these bottles could serve as indirect
measures of trace oxygen contamination because of the fast oxidation of Fe(II) at this pH. Fe(II)
oxidation at pH 7 at trace oxygen levels (5 pM) has a half-life of-25 hours; at pH 8, t 12 = 2.5
hours [Stumm and Morgan, 1996]. Interpretation of the Fe(II) loss in these experiments is
discussed in Section 5.3.1.
Low level oxygen contamination may have resulted from oxygen diffusion out of the butyl
rubber stoppers. Because of the low levels of Fe(II) used in the water column experiments, it
may not be possible to rule out this contamination. This is discussed further in Section 5.3.1.
The sediment-water interface microcosms (below), having initial [Fe(II)]totai >1 mM, would
not have been affected significantly by the above potential sources of oxygen contamination.
3.3 Sediment-water interface microcosms
The experimental set-up for the sediment-water interface microcosms was similar to that for
the water column, with the following exceptions:
Samples were collected in mid-August from the fluffy sediment-water interface at a depth of
approximately 24 m. With the pump running, the intake-end of the tubing was slowly lowered
(-10 cm increments) until sediments first appeared in the tubing at the surface. After flushing
the tubing for several minutes, sample was collected. The outlet tube was not inserted into the
bottle; rather the bottle was rinsed by filling and dumping 3 times before the actual sample was
collected and capped. Some oxygen was thereby likely entrained during filling. The sample was
maintained dark and at 4'C for one month before dispensing into serum bottles and beginning the
experiment. Over this time period, any entrained oxygen would have been consumed. Replicate
sodium azide (5 mM) and formaldehyde (1% w:w) spiked bottles were used as killed controls.
No Fe(II) spike was necessary, since total acid soluble Fe(II) concentration in the slurry was
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approximately 1.4 mM at the beginning of the experiment. Because of the higher Fe(II)
concentrations, 0.5 N HCl digested samples were diluted (1:100) in a HEPES/ferrozine buffer
[Lovley and Phillips, 1986]. Since high levels of Fe(II) and sulfide were present, and there was
initially little or no nitrate, samples were spiked to a final concentration of ~10 mM nitrate using
a deoxygenated, concentrated NaNO3 solution. Due to the high amount of solids, 0.2 pm filters
(Gelman Acrodisc) were used instead of 0.02 gm filters. This has implications for the
interpretation of "dissolved" vs. total Fe(II); the majority of Fe(II) passing a 0.02 pm filter is
likely to be truly dissolved, whereas a large fraction of 0.2 gm filterable Fe(II) could be colloidal
FeS, or Fe(II) sorbed onto other colloids. Filtered samples were refrigerated and nitrite measured
colorimetrically within hours of subsampling after reaction with sulfanilimide and N-(1-
naphthyl)-ethylenediamine [Parsons et al., 1984].
4. Results
4.1 Sediment-water interface microcosms
The sediment-water interface experiment was carried out over the period of approximately 1
month. In both formaldehyde and Na-azide controls, negligible Fe(II) oxidation occurred
(Figure 2A). Over the same time period, however, approximately 85% of Fe(II) was oxidized in
replicate live bottles. The color of the sediments in the live bottles changed from dark black to
an orangish/brown over the course of the experiment in the live bottles, while the color in the
killed controls remained black, indicating that the disappearance of Fe(II) in live microcosms
was due to oxidation and not merely conversion of Fe(II) from an acid-soluble phase to more
recalcitrant Fe(II)-complexes. Two periods of Fe(II) oxidation are evident: "slow" oxidation
(-40 M/d) beginning almost immediately and continuing for the first 10 days of the experiment;
and relatively fast oxidation from day 10 to day 18 (-120 pM/d). During the relatively fast
Fe(II) oxidation, nitrate decreased significantly within the live bottles (Figure 2B). Sulfate
concentrations increased by a factor of 10 in the live bottles, remained unchanged in the
formaldehyde bottles, and actually decreased in the azide bottles (Figure 2C). Nitrite
accumulated to significant levels (but to a concentration of only 2% of the nitrate spike) by day 4
in live samples, probably due to incomplete denitrification (Figure 2D), but was nearly
completely consumed by day 10.
Sulfide was detectable by odor only after acidifying the subsamples, suggesting that acid
soluble particles, perhaps FeS, were a significant repository for sulfide and Fe(II). A comparison
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of filterable (smaller than 0.2 Rm) vs. particulate Fe(II) is consistent with this assertion (Figure
2E). In the live bottles, at the beginning of the experiment, filterable Fe(II) represented less than
25% of total Fe(II) in the sample. A comparison of A[Fe(II)filterable] with A[Fe(II)tota] by day 2
argues that the fast disappearance of filterable Fe(II) was due to changes in Fe(II) partitioning
(either from dissolved to sorbed or from sorbed to particles smaller than 0.2 tm to particles
larger than 0.2 pm, e.g. through agg egation) rather than oxidation. Filterable Fe(II)
concentrations remained relatively constant in the Na-azide controls and were similar to the
initial filterable Fe(II) concentration in the live bottles. Filterable Fe(II) in the formaldehyde
controls varied with time, however, total Fe(II) remained constant in these bottles throughout the
experiment. Again, it appears a shift in ferrous iron's size distribution, rather than abiotic
oxidation, was responsible for changes in filterable Fe(II) concentrations in formaldehyde
controls.
4.2 Water column microcosms
Water samples were collected on 11/8/98 from a depth of 19 m. By this date, oxygen had
been depleted below 15 m for over 3 months. Total Fe measured approximately 45 pM at 19 m;
less than 5% of this Fe was present as aqueous Fe(II) or as acid-soluble (0.5 N HCl) Fe(II)
(Chapter 4). Nitrate was approximately 30 pM; no sulfide was detected by odor, nor was any
anticipated considering the presence of nitrate.
Fe(II) disappearance in the live bottles (Figure 3 C - F) proceeded at rates in excess of the
disappearance rates in the killed controls (Figures 3 A and B). Initial nitrate concentrations in
the microcosms were 28 pM; at 145 hours nitrate had decreased to 18, 19, 23 and 23 pM in
bottles 5, 6, 9, and 10 respectively. Nearly twice as much nitrate was consumed in the bottles
with the lower initial Fe(II) spike. Fe(II) disappearance rates in both filtered controls were
greater than rates in killed controls. In fact, the data in filtered controls more closely resemble
the observations from the live bottles (Figure 3 G). After approximately 220 hours, the 15 pM
and 50 pM replicate live bottles were respiked with Fe(II) (Figure 3 C and F), using the same
method as during the original spiking. Little, if any, of this additional Fe(II) was oxidized over
the final approximately 200 hours of the experiment.
Filterable Fe(II) (deff < 0.02 pim) was measured over the first 65 hours of the experiment.
(Figure 4). For the lower filterable (0.02 tm) Fe(II) concentrations (<~10 PM), approximately
50% of the Fe(II) was sorbed. At higher initial Fe(II) concentrations, the ratio of
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[Fe(II)]sorbed: [Fe(II)]dissolved decreased, suggesting a saturation of surface sorption sites. Similarly,
in the filtered controls, there is nearly a 1:1 relationship between sorbed and dissolved Fe(II),
despite the fact that significant amounts of particulate matter would have been removed by the
0.45 and 0.2 ptm filters (e.g. -50% of total Fe was found to be larger than 0.4 pm in November
1997 at 20 m; Chapter 2).
Total Fe concentrations were measured at t = 0 and t = 215 hours (Table 2). The recovery of
95% or greater of total Fe argues that conversion of Fe(II) was necessary to explain decreases in
Fe(II) with time, rather than loss due to sorption on the glass or settling of particle-associated
Fe(II).
5. Discussion
5.1 Summary of field study results
The importance of exploring nitrate's role as an Fe(II)-oxidant in UML (both kinetically and
its cumulative effect on Fe cycling) is evident in light of the lake's high nitrogen pollution
(Chapter 3). In 1998, after the onset of stratification, nitrification augmented the already sizable
hypolimnetic nitrate pool ([NOflprestratification - 80 pM) by 150%. Approximately 30-45% of the
hypolimnetic oxygen was consumed in the process (Chapter 3). A significant portion of the
lake's oxidizing potential was thereby converted from oxygen to a different, almost as
"powerful" oxidant, and a large percentage of the UML hypolimnetic volume, for more than half
of summer/fall stratification (July through November 1998), was suboxic/anoxic, but nitrate-rich.
Oxidation of Fe(II) by nitrate yields nearly as much energy as oxidation by oxygen (Table 1). In
addition, nitrate can accept 20% more electrons per mole than oxygen.
In three years of observations, Fe(III) accumulated in the bottom waters of the lake during
this oxygen-depleted/nitrate-rich period. Further, it was observed that Fe(II) only began to
replace Fe(III) in the water column at nitrate-depleted depths. A distinct Fe(III) peak formed in
the water column during 1999 at a depth coincident with the interface between nitrate-rich and
nitrate-depleted waters, analogous to the Fe(II) peak predicted to form at the oxic-anoxic
interface in systems in which nitrate is unimportant [Davison, 1993]. Qualitatively, these
observations suggested that Fe(II), remobilized from the sediments, was being quickly oxidized
in the absence of oxygen. Another oxidant appeared responsible for Fe(II) oxidation throughout
a large part of late summer/fall stratification. Mass balance estimates of Fe and potential
oxidants (oxygen, MnO2, and nitrate) argue that nitrate must have accounted for at least 75% of
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the Fe(II) oxidation that occurred during late-summer and fall anoxia. The evidence taken in
aggregate - the large nitrate pool throughout much of anoxia in the UML, correlations between
Fe(II) accumulation and nitrate depletion, the significant energy that can be gained from this
reaction, evidence in the literature of nitrate-reducing/Fe(II)-oxidizing organisms, and mass
balance estimates implicating nitrate as the only viable oxidant Fe(II) - suggests that biologically
coupled Fe(II)-oxidation/nitrate-reduction was controlling Fe cycling during anoxic, yet nitrate-
rich conditions in UML.
In order to explain the observed Fe(III) accumulation in the water column in the absence of
any Fe(II) build-up, field-scale estimates argue for Fe(II) oxidation rates of 2 to 7 PM d-1. We
turn to the microcosm experiments to assess the physiological and kinetic feasibility of Fe(II)
oxidation by nitrate in this system. The importance of the sediment-water interface microcosm
experiment lies in the clear evidence it provides in this system for the feasibility of biologically-
mediated Fe(II) oxidation using nitrate as the terminal electron acceptor. The sediment-water
interface microcosms were, however, significantly modified, and the rates observed may not be
relevant for comparison with in situ kinetics estimated from field data. The minimally modified
water-column microcosms allow the assessment of the kinetic feasibility of Fe(II) oxidation by
nitrate.
5.2 Sediment-water interface microcosms
A comparison of live sediment-water interface microcosms with killed controls demonstrates
that biologically mediated, nitrate-dependent Fe(II) oxidation was responsible for the vast
majority of Fe(II) oxidation (Fig. 1A). Net abiotic oxidation of Fe(II) by nitrate in killed controls
did not proceed at significant rates under the experimental conditions (dark, 4C). A large
portion of the Fe(II) may have been present as solid FeS, considering the dominance of
particulate Fe(II) and the presence of acid-volatile sulfides (as evidenced by strong sulfide odor
after acidification). The disappearance of Fe(II) (Fig 1A), accumulation of sulfate (Fig. 1C), and
the change in slurry color from black to brown suggest that biologically mediated FeS oxidation
in the live bottles may have been an important loss mechanism for Fe(II). This is consistent with
observations made elsewhere: Straub et al. (1996) found that 4 strains of bacteria oxidized black
ferrous sulfide, changing the black color to beige within 3 weeks (experimental conditions 5 mM
FeS and 10 mM NaNO3~, so similar to the experimental conditions here). In our experiment, a
detectable increase in sulfate began after roughly 10 days, similar to the point at which the rate of
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Fe(II) oxidation increased. However, the ratio of S042 appearance to Fe(II) loss was 1:3.4
during this time, not the 1:1 ratio that might be expected if FeS was the primary particulate form
of Fe(II) and both Fe(II) and S(-II) were being completely oxidized. Since sulfide is generally
oxidized in stages [Madigan et al., 1997], the shortfall in measured sulfate accumulation could be
due to incomplete oxidation of sulfide, with accumulation of intermediate products such as So.
However, Fe(II) complexation by solid phases other than FeS, e.g. Fe(II) complexation by
organic matter, could also explain the observation that apparently more Fe(II) was oxidized than
S(-II).
In live bottles, the initially slow (yet immediate) kinetics of Fe(II) oxidation may be
interpreted as indicative of the capability of the bacterial population present at the beginning of
the experiment. The increase in the oxidation rate beginning around day 10 suggests that a
population of bacteria, specialized in oxidizing Fe(II) using nitrate, were selected by the high
nitrate concentrations and had grown to significant enough numbers to measurably affect the
Fe(II) concentration. No increase in sulfate was detectable over the first 8 days, despite
decreases in Fe(II). From day 0 to 8, sulfate concentration would have increased from 40 pM to
120 pM if the ratio of sulfate gain to Fe(II) loss was similar to that between days 10 to 21. The
lack of measurable sulfate suggests that somewhat different oxidative mechanisms were
operating during these two periods.
Since nitrite was produced in the live bottles during the first several days and decreased to
insignificant levels at roughly the same time that oxidation rates increased (Figure 2D), it is
tempting to postulate that the initial "slow" kinetics were due to abiotic Fe(II) oxidation by
nitrite. However, the absence of significant Fe(II) oxidation in the formaldehyde poisoned
bottles after comparable levels of nitrite had accumulated suggests that the presence of nitrite
alone can not explain the early biologically mediated Fe(II) oxidation in the live bottles.
Nitrate consumption was both necessary and sufficient to explain Fe(II) oxidation in the live
sediment-water interface microcosms. By electron balance (1 mole of nitrate can oxidize 5
moles of Fe(II) and 5/8 moles of S(-I)), required nitrate consumption was calculated during the
two main periods of Fe(II) oxidation (Table 3). Between days 10 and 22, -50% more nitrate was
consumed than is necessary to account for the oxidation of Fe(II) to Fe(III) and sulfide to sulfate,
assuming that nitrate was reduced to N2 (Table 3). The balance of the nitrate was likely used in
the oxidation of organic matter, and perhaps in the partial oxidation of additional S(-II).
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Required nitrate consumption between days 0 and 10 was within the reproducibility of the
method. Oxygen is clearly unable to explain the observed Fe(II) oxidation, as further discussed
in 5.3.1.
The above evidence demonstrates that biologically mediated Fe(II) oxidation, with nitrate as
the oxidant, can occur at the sediment water interface in UML. The high nitrate spikes, however,
created conditions significantly different from those in situ. From this set of experiments,
drawing conclusions about the significance of this process to overall Fe cycling is therefore
difficult. The minimally modified water column microcosms offer a more representative picture
of what may occur in the water column of the lake.
5.3 Water Column microcosms
The recovery of greater than 95% of the total Fe over the initial 200 hours of the water
column experiment argues that oxidation was the primary loss mechanism of Fe(II) in the water-
column microcosms (Table 2). Oxidation rates in live bottles were significantly greater than in
killed controls, implying that biological mediation of Fe(II) oxidation was occurring.
Exponential curves provide good fits (r2 > 0.9) for the first 150 hours of experimental Fe(II) vs.
time data in all of the live bottles (Figure 3 C-F). Pseudo-first order rate coefficients ranged
from 0.004 to 0.01 hr4 . Microcosms with larger initial spikes tended to have lower rate
coefficients. The initial Fe(II) oxidation rates in each bottle were calculated from the derivatives
of the exponential-fit curves (i.e. k'-[Fe(II)]) and are plotted vs. Fe(II)]0 spike in Figure 3H.
Initial rates ranged from 2.4 to 4.7 pM d-, with the data suggestive of an asymptotic increases in
Fe(II) oxidation rate with increasing Fe(II), indicating that an enzyme kinetic model may
provide a reasonable representation of the data. A best fit curve of the form:
d[Fe(II)]/dt 10 = (d[Fe(II)]/dt)max [Fe(II)]o /(Ks + [Fe(II)]o)
is fit to the data (r2 = 0.83), giving a theoretical maximum oxidation rate (i.e. Vmax) of
(d[Fe(II)]/dt)max = 5.3 ± 1.0 Md and a half saturation constant (K,) of 8.5 ± 5.5 pM
(uncertainties in Vmax and K, represent 2 times the standard error of the curve fit). The initial
oxidation rates for the filtered controls are also plotted in Figure 3H, although not included in the
determination of Vmax or K. These points fall outside the 95% confidence interval (dashed lines)
of the best-fit curve, suggesting that a somewhat different mechanism may have caused
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oxidation in the filtered controls. The 0.45 gm filtered microcosm proceeded with slower
kinetics than the unfiltered samples, while oxidation in the 0.2 pm filtered microcosms actually
proceeded more quickly. Possible reasons for these observation are discussed in Section 5.3.3.
5.3.1 Possible oxidation mechanisms
A comparison of killed controls with live samples demonstrates a significant biological role
in Fe(II) oxidation. The immediate onset of ferrous iron's disappearance in the live microcosm
bottles suggests that organisms capable of mediating the oxidation of Fe(II) were present in
sufficient numbers at the time of collection. Antibiotics and autoclaving were expected to
disable biologically mediated Fe(II) oxidation by nitrate: chloramphenicol disrupts nitrate
reductase enzyme activity [Knowles and Murray, 1999], and heat (80'C) has been shown to
inhibit aerobic Fe(II) oxidizing factors from lysed cells [Cortsjens et al., 1991]. The rate (2.4 to
4.7 uM/d) and overall amount of Fe(II) oxidation was greater in live bottles than in the
autoclaved and antibiotic controls (0.4 M/d; averaged over entire experiment; initial rates may
have been greater).
In the absence of 02 "leaks" into the bottles over time (discussed below), a mass balance of
thermodynamically feasible oxidants within the microcosms points to nitrate as the most likely
oxidant to explain the Fe(II) oxidation. Nitrate losses throughout the experiment are sufficient to
account for Fe(II) oxidation on a mass basis. The 10 pM and 5 pM nitrate decreases in 15 and 50
pM Fe(II) replicates can explain the respective Fe(II) oxidation in those microcosms (10 and 25
pM Fe(II), respectively) on a mass basis. Nitrate must have been entirely dedicated to Fe(II)
oxidation in the 50 VM replicates (5 moles of Fe(II) oxidized per mole of nitrate if nitrate
reduced to N2) in order to explain the amount of Fe(II) oxidation that occurred, which may or
may not be reasonable depending on the amount nitrate dedicated to the oxidation of organic
carbon.
Thermodynamically, Mn(IV), NO2, 02, and N0 3 can be used by bacteria to oxidize Fe(II)
(Table 1). If Mn(IV) had been responsible for abiotically oxidizing the majority of Fe(II),
similar rates of oxidation should have been observed in live bottles and killed controls, which
was clearly not the case. In addition, total Mn and 0.02 gm filterable Mn concentrations were
indistinguishable (- 25 VM) in subsamples from one bottle at hours 1, 15, and 66. While
filtration is not a fool-proof method for distinguishing between redox states, the fact that no Mn
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was trapped by a 0.02 pm filter suggests that the vast majority of Mn was present as Mn(II) at
the beginning of the experiment, and therefore not capable of oxidizing Fe(II).
On an electron balance basis, 2.6 to 6.3 pM 02 is necessary to explain the Fe(II) oxidation in
the live bottles, and 2.2 to 2.9 pM 02 in the killed controls. Method tests (Figure IA)
demonstrated that oxygen concentrations should have been less than 1 pM after samples were
dispensed and bubbled. Oxygen concentrations in sub-sampled controls were also shown to be
less than 1 pM (Figure iB). The characteristics of Fe(Il) oxidation (kinetics and total amount
oxidized) between replicate bottles (15 pM and 50 pM live spikes, killed controls) were very
similar, suggesting that the random introduction of an oxidant was not the cause of the oxidation.
Rather, a similar amount of the primary oxidant was likely present in all bottles. By this logic, if
oxygen was the main oxidant of Fe(II), all bottles must have contained approximately 6 pM 02
(required to account for oxidation of Fe(II) in bottles 9 and 10). If all of the 02 contamination
was present at the beginning of the experiment, oxidation would have occurred more rapidly in
the abiotic bottles (dashed lines in Figure 3A and 3B represent abiotic oxidation kinetics in the
presence of 6 pM), arguing that this was not the case.
A potential, gradual source of oxygen contamination is oxygen diffusion out of the butyl
rubber stopper into the bottle during the experiment. This source has the capacity to have been
important. On the order of 1.5 micromoles of 02 may have been dissolved in the stoppers
(cylindrical stopper, diameter = 1.2 cm and height = ~ 1 cm), based on published estimates of 02
solubility in butyl rubber [Brandrup, 1999]. This is equivalent to -20 M 02 if all the oxygen
diffused out of the stopper and dissolved into the microcosm samples. Quantifying the rate of
oxygen mass transport into the bottle, i.e. the Flux - Area, is thus clearly of concern, since only
30% of the total 02 can explain all of the observed Fe(II) oxidation on a mass basis. Data for
oxygen diffusion coefficients in butyl rubber at 25C and 50"C are available [van Amerongen,
1950; Brandrup, 1999], but temperature corrections for this range are not applicable for
extrapolation down to 50C (results in a negative diffusion coefficient). Using the diffusion
coefficient at 25*C (D = 8.1 x 10-8 cm 2 s-1 ; Brandrup, 1999), and estimating the "diffusion
distance" (x = (2 - D t)12 ), we calculate that roughly 1-2 M 02 could have diffused into the
container over the first 24 hours of the experiment (assuming 50% and 100% of the oxygen in
the stopper up to the "diffusion distance" was transported into the bottle, respectively). This is
enough to explain the observed initial Fe(II) oxidation rates (2-4 pM d-). However, the
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diffusion coefficient was likely significantly less at 5C than predicted for 250C. 02 flux would
have decreased with time (because the gradient becomes slighter); using the same assumptions,
2.7 to 5.4 pM oxygen could have diffused into the bottles after 145 hours. During this time
period in the 50 pM spiked replicates, 23 pM Fe(II) was oxidized. The maximum oxygen
estimate (using diffusion coefficient for 25"C, assuming 100% of oxygen up to the "diffusion
distance" entered the bottle) can only account for less than 22 VM Fe(II) oxidation. Considering
the conservative assumptions used for this maximum flux estimate, this comparison casts doubt
on oxygen's ability to explain all the Fe(II) oxidation.
The pH 8 Trizma bottles (Figure IC) indicate that, if Fe(II) oxidation was the loss
mechanism in these tests, a minimum of 1-4 PM 02, on a mass basis, must have diffused into
these bottles to explain Fe(II) disappearance (no total Fe measurements were made, so it is not
possible to determine if Fe(II) loss to sorption on the walls was important at pH 8). These bottles
had been sitting for 6 days prior to being spiked with Fe(II). Using the same assumptions as
above, we estimate that approximately 3 to 5 M 02 could have diffused into the bottle over this
6 day period and been present at t=0 for the Trizma experiment. Oxygen contamination can
therefore not be ruled out based on this estimate.
To further test oxygen's ability to explain the Trizma results, we can estimate the amount of
oxygen that is required to account for the observed kinetics, and compare this value with what
could have diffused into the bottle over the 6 days of storage. Exponential fits to the Trizma
Fe(II) disappearance data have pseudo-first order rate coefficients of k' = 0.22 to 0.46 s-. Using
the expression for pH-dependant, homogenous Fe(II) oxidation by oxygen (Stumm and Morgan
1996),
dFe(II)/dt = (kh * [02(aq)] /[H+]2)-[Fe(II)] where kh = 3 x 1012 min mol1 liter' at 200C,
and the best-fit Trizma k' values, we can solve for the necessary [02] at pH = 8 to account for the
observed k'. These calculations suggest that [02] must have been equal 7 to 15 PM to explain
the observed Fe(II) disappearance kinetics if oxidation by oxygen was the mechanism. This is 2
to 10 PM 02 beyond that which could have diffused from the stopper. Initial oxygen levels,
immediately after bubbling and subsampling, should have been less than 1 PM and are unable to
account for the difference. Based on these estimates, it appears possible that something besides
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oxidation by oxygen (e.g. sorption to bottle walls) may explain Fe(II) loss in the Trizma
experiment.
Overall, our attempts at ruling in or ruling out oxygen contamination are inconclusive -
conservative estimates of 02 flux are of comparable magnitude to the required 02 flux (based on
Fe(II) oxidation). Further consideration of this matter is therefore necessary, after obtaining a
representative diffussion coefficient at 5"C (if possible), and through using more mathematically
rigorous estimates flux estimates.
The introduction of oxygen when samples were spiked with Fe(II) was also considered as a
potential oxygen source (the Fe(II) stock solution was initially at pH-5, and therefore the
kinetics of Fe(II) oxidation in the presence 0 2-contamination would have been slow in this
bottle). However, the lack of Fe(II) oxidation after several samples were respiked with Fe(II)
argues against significant levels of oxygen being introduced during the Fe(II) spike.
5.3.2 Comparison of field and laboratory kinetics
The field-scale mass balance model suggests that oxidation of Fe(II) was occurring in the
lake at a rate 2 to 6.9 pM d-1 in the absence of sufficient oxygen to explain the Fe(III)
accumulation (Chapter 3). Nitrate was found to be the only oxidant capable, based on
thermodynamic and electron balance arguments, to explain the Fe(III) accumulation. This
oxidation occurred without a build-up of Fe(II). For nitrate to kinetically explain Fe(II)
oxidation, coupled nitrate-reduction/Fe(II)-oxidation must be capable of proceeding faster than 2
to 6.9 pM d' (average 4.5 pM d-) under in situ (dark, T - 5*C) conditions.
Fe(II) oxidation occurred at initial rates of 2.4 to 4.7 pM d1 in the water-column live
microcosm experiments. An enzyme-kinetic model fit to this data predicts a maximum oxidation
rate of 5.3 ± 1.0 pM d-. With these estimates, it appears that the water column microcosm rates
are capable of explaining the majority of the estimated field kinetics, with only one estimate (6.9
[M d-) being significantly greater (at the 95% confidence interval) than the theoretical
maximum. The estimated oxidation rates are comparable to rates that would occur abiotically if
3 to 15 pM 02 present (-1 to 5% air-saturation) in the UML's hypolimnion. Therefore, bacteria
would only be able to compete for remobilized Fe(II) - and thus the biologically mediated
oxidation mechanism observed in the microcosms would only become important - in the lake
under suboxic or anoxic conditions. This is consistent with our assertion that nitrate oxidation of
Fe(II) would only become important after oxygen depletion in the hypolimnion. The rates
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observed in killed controls are insufficient to explain field observations; abiotic oxidation of
Fe(II) by nitrate was therefore not likely the dominant mechanism in the lake.
Caution is necessary when applying reaction rates obtained from microcosm studies to field
observations because of so-called "bottle effect". Conditions in microcosms never exactly
duplicate field conditions, and these differences may translate into altered reaction kinetics. In
addition to isolating (i.e. cutoff from input and export of substrate) and spiking the sample, we
also somewhat altered the pH in these microcosm experiments. However, the goal of this study
was not to obtain actual rates, but to confirm field observations by determining if this reaction is
feasible and can proceed at rates capable of explaining field observations.
With this in mind, biologically mediated Fe(II) oxidation by nitrate observed under
controlled conditions - if nitrate was indeed the primary oxidant - seems able to reasonably
explain field observations.
5.3.3 Fe(II) oxidation in filtered controls
The inclusion of 0.45 and 0.2 ptm filtered controls in this experiment was originally intended
to assess the role that particles might play in catalyzing abiotic oxidation of Fe(II). Expecting
slower Fe(II) oxidation in filtered samples than in the killed controls, we were surprised to
observe instead that filtered controls exhibited Fe(II) oxidation kinetics that more closely
resembled the kinetics in live microcosms. A plausible explanation for the relatively fast Fe(II)
oxidation in filtered controls is that soluble enzymes, or intercellular enzymes released upon cell
lysis during filtration, were present in the filtrate, and catalyzed the reaction of Fe(II) with
nitrate. Leptothrix discophora, an iron and manganese oxidizing species of bacteria, was found
to excrete soluble aerobic Fe(II)-oxidizing factors into the medium, and spent media was found
to catalyze Fe(II) oxidation [Corstjens et al., 1991]. In addition, a mutant strain of L. discophora
produced, but did not excrete, the same oxidizing factor; however, the factor was released to the
medium when cells were lysed by sonification. The same researchers found that several other
genera of Fe(II)-oxidizing bacteria produced intracellular Fe(II) oxidizing factors that were
released to the medium upon cell lysis. It is not known if these oxidizing factors would also
catalyze Fe(II) oxidation by N0 3 ~. In our experiments, some cell lysis would likely have
occurred during filtration, since significant pressure was necessary, especially with the 0.2 [tm
filter, to force the required sample volume (-70 ml) through the 25 mm diameter filter. Cell
lysis would also have occurred in the autoclaved controls, but oxidation in the autoclaved
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controls was much slower than in filtered controls. Corstjens et al. (1991) found that oxidizing
factors were inhibited when samples were heated to only 80 0C; therefore autoclaving (12 1C for
1 hour) would likely have inactivated any Fe(II)-oxidizing factors. In the enrichment culture
studies of Fe(II)-oxidizing/denitrifying bacteria, no experiments were conducted with spent
media to test for soluble enzymes [Straub et al., 1996; Benz et al., 1998]. However, Benz et al.
(1998) observed that Fe(II)-oxidizing/nitrate-reducing bacteria were associated with, but not
encrusted in, Fe(III)-oxides, suggesting that ferric hydroxides were formed outside the outer cell
envelope. This is consistent with a soluble enzyme being excreted to the medium.
5.3.4 Lack of oxidation in re-spiked bottles
The most obvious explanation for the lack of continued Fe(II) oxidation after respiking
bottles 5, 6, 9, and 10 is that something essential for bacterial mediation of Fe(II) oxidation was
missing, either the oxidant or additional substrate needed for metabolism. Arguably, Fe(II)
oxidation had already begun to slow considerably in bottles 9 and 10 (measured values were
greater than predicted values from the exponential fit of 0 to 150 hour data) before the samples
were respiked. Benz et al. (1998) found that 9 out of 10 Fe(II)-oxidizing enrichment cultures
were mixotrophic and required the addition of organic cosubstrates in order to oxidize Fe(II)
using N0 3 as the electron acceptor. One isolate consumed acetate in a 1:4 molar ratio to Fe(II)
oxidized, when acetate was added in limiting amounts. By approximately 150 hours in the 50
pM spiked bottles, 25 pM Fe(II) had been oxidized. If mixotrophs with similar physiological
requirements to those studied by Benz et al. (1998) were dominating, on the order of 6 PM
acetate or another simple substrate would have been consumed. Only a small portion of
dissolved organic carbon (DOC) may actually be labile in lakes. It is therefore possible that
utilizable DOC had become limiting in the respiked samples. Nitrate concentrations, measured
after 145 hours, were 18 and 23 pM in the 15 and 50 pM Fe(II)o bottles, respectively. If nitrate
was consumed at the same rate throughout the entire experiment (assuming zero order, rates of
0.07 pM/hr to 0.03 pMhr) nitrate would have been less than 13 pM and 21 PM at the time of
respiking, and by 330 hours (i.e. half way through the spiked data) 5 and 17 pM. It appears
feasible then, at least in the 15 pM-spiked bottles, that nitrate could have approached limiting
conditions. It is also possible (albeit unlikely) that Fe(III) reduction began occurring in the
samples, and that there was competition between Fe(II) oxidation and Fe(III) reduction. Fe(II)
concentrations were measured in the sets of replicate bottles at t - 800 hours, and in all 4 bottles
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Fe(II) had actually increased significantly (as much as a factor of 2) above the spiked
concentration. This would be expected if dissimilatory Fe(III) reduction were occurring, as
Fe(III) had become the most thermodynamically favorable electron acceptor.
Finally, if oxygen contamination from the butyl rubber stopper was important (as discussed
in Section 5.3.1), the expected decrease-with-time in oxygen flux out of the butyl rubber stopper
could explain the cessation of Fe(II) oxidation. Because of the decreasing 02 gradient, the flux
of oxygen into the bottle at t=215 hours should have been roughly 40% of the flux at t=24 hours.
Fe(II)-oxidizing bacteria could have been outcompeted for oxygen at the lower 02 flux.
5.4 Nitrogen end-products
Coupled nitrate-reduction/Fe(II)-oxidation is thermodynamically favorable with a number of
possible nitrogen end-products (Table 1). End-products were not measured in these experiments.
However, based on results from other studies, the most likely end-product was N2, with perhaps
some N20. In the anaerobic Fe(II)-oxidizing studies of Benz et al. (1998) and Straub et al.
(1996), the majority of the numerous enrichment and pure cultures studied reduced nitrate to N2 ,
or to a mixture of 80% N2 and 20% N20. Nitrate reduction to ammonium was not detected in
any of those cultures. The initial ammonium concentrations in the UML water column
microcosms was -75 pM (as determined from field samples; Chapter 4) and likely higher in the
sediment-water interface microcosms. Therefore, there was no physiological need for bacteria to
produce NH 4'. Since nitrate reduction to ammonium is less energetically favorable than
reduction to N2 (Table 1), this biological pathway seems unlikely, an assessment supported by
observations in natural systems [Mengis et al., 1997; Seitzinger, 1988] . In the sediment-water
interface microcosms, nitrite appeared during the first several days of the experiment, but was
quickly consumed, and was not produced during the height of Fe(II) oxidation. Further,
stoichiometrically, Fe(II) oxidation by day 6 (AFe(II) ~ 150 pM) can explain less than 40% of
the nitrite accumulation (Table 1; Figure 2A and 2D). Abiotic oxidation of Fe(II) by nitrate can
yield NH 4' as the nitrogen end-product [Ottley et al., 1997], and therefore a portion of the nitrate
may have been reduced to ammonium through by this means (Figure 3A and 3B). However,
abiotic oxidation only accounts for a minor portion of total Fe(II) oxidation in the water column
microcosms.
165
6. Conclusions
The results of a 3 year field study in UML (Chapter 4) argue that nitrate is the main oxidant
for remobilized Fe(II) in the UML water column during late-summer and fall anoxia. Controlled
microcosm experiments on samples from the sediment-water interface confirmed the feasibility
in this system of biologically mediated Fe(II) oxidation using nitrate as the terminal electron
acceptor. Abiotic oxidation of Fe(II) was insignificant under the conditions (T - 4C) and over
the time scales of this experiment (-1 month), despite the significantly higher levels of N0 3 ,
Fe(II), and potential catalysts (i.e. 1% solid) than were present in the water column.
Experiments on minimally-modified water column microcosms also demonstrated
biologically mediated Fe(II) oxidation, and the observed kinetics appear capable of explaining
the rates of Fe(II) oxidation estimated from field data. While nitrate was a likely oxidant, the
low levels of Fe(II) used in this experiment make it difficult to rule out the possibility of oxygen
contamination. In either case, the observation of biologically mediated Fe(II) oxidation in lake
water at circumneutral pH is significant, since bacteria's role in oxidizing Fe(II) in the water
column of lakes is seldom considered.
Oxidation of Fe(II) by nitrate appears to be important throughout fall anoxia in UML based
on lake-scale observations, and may be an important process in other seasonally anoxic lakes
with high levels of nitrogen pollution. Remobilized Fe(II) oxidation in the water column yields
amorphous Fe(III)-oxides [Davison, 1993] whose surface sites strongly complex P04, As, and
numerous trace metals [Dzombak and Morel, 1990]. The continued production of solid Fe(III)-
oxides in the hypolimnion under anoxic conditions, and the aggregating and settling of these
solids from the water column, would provide a continued sink for sorbing chemicals throughout
anoxia, potentially minimizing net remobilization from the sediments of phosphate, arsenic, and
other sorptive pollutants. Inverse correlations between ambient nitrate levels and phosphate
remobilization from lake sediments have been noted in natural systems and microcosms
[Andersen, 1982; Cooke et al., 1993], but nitrate oxidation of Fe(II) has not been suggested as a
contributing mechanism.
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Free energy of Fe(II) oxidation
AGa
(kJ moI-)
'/4 O2(g) + Fe2+ + /2 H20 4 Fe(OH) 3(am) + 2 H+ -69
/5 NO 3 + Fe2+ + 12/5 H20 4 Fe(OH) 3(am) + 1/10 N2(g) + 9/5 H+ -68
/ NO 3 + Fe2+ + 21/ H20 4 Fe(OH) 3(am) + / NH4 + 7/4 H -36
/2 NO 3 + Fe2+ + 5/2 H20 4 Fe(OH)3(am) + 1/2 NO2 + 2 H+ -44
/2 NO 3 + Fe2+ + 9/4 H20 -* Fe(OH)3(am) + 1/4 N2O(g) + 3/2 H -53
1/5 MnO2 (s) + Fe 2+ + 2 H20 - Fe(OH)3(am) + '/2 Mn2+ + H+ -49
T = 25*C, [NO 3~]= 40 pM, [NH4 i = 40 pM, [NO 2] = 4 pM, [Fe2 +] = 30 pM, pH = 6.8, [02]
N 20 = 1 atm, N2 = 1 atm
aSource: calculated from Morel and Hering, 1993
Table 2
= 2 mg/L,
Total Fe recovery in water column microcosms
Total Fe (pM) A Tot Fe AFe(II)
sample description ==21h. (M) ( )
t =0 t = 215 h. (IM) (pLM)
5 live 70 7a 67 ±7 3 job 10
8 live 80 ± 8 78 ±8 -2 11 19
9 live 103 ±10 105 ± 10 + 2 14 26
10 live 103 ±10 99 10 - 4 14 25
0.45 pm filtered 30 ±3 33 3 + 3 4 11
0.2 pm filtered 44 ±4 42 4 -2±6 19
aUncertainty in total Fe measurements assumed to be ±10% based on analytical uncertainty.
bUncertainty in ATot Fe = (uncertainty_o2 + uncertaintyt= 152 )"2
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Table 1
Electron balance for sediment-water interface microcosm experiments
time AFe(II) A S0 42- ANO3'obs ANO3~req'd A 02 req'dB
period (mM) ) (mM) (mM) (mM)
(days) #1 #2 #1 #2 #1 #2 #1 #2 #1 #2
0- 10 0.27 0.34 18 14 0.07 0.17 0.08 0.09 0.10 0.11
10 - 22 0.96 0.92 260 258 0.99 0.87 0.61 0.60 0.76 0.75
A ANO3~rq'd = AFe(II) / 5 + AS0 42 / 1000 - 8/5. Calculated assuming nitrate reduced to N2(g).
B 0 2 eq'd = AFe(II)/4 + AS02 / 1000-2
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Table 3
Figure 1A
Figure 1B
Figure IC
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FIGURES Chapter 5
Dissolved oxygen measurements in N2-bubbled, initially-0 2-saturated
controls. Initial [02]~ 300 VM (based on air equilibration at T ~ 20 C.
NOTE: method detection limit 1 IM 02. Oxygen measurements performed
in a N2 glove box. Each sample represents a different bottle; see Section 3.2.4
for description of bubbling method. 4-minute sample was bubbled for four
minutes with an open top to simulate oxygen concentration before inserting
butyl rubber stopper. 9-minute sample received initial four minutes of
bubbling with open top plus five minutes of bubbling with inlet and outlet
needles through the stopper. 14-minute sample - four minutes open top, ten
minutes through stopper; 21-minute sample - four minutes open top,
seventeen minutes through stopper. 21--minute sample represents the bubbling
procedure performed on all microcosms. The procedure was therefore
conservative, since 02 was below detection limits between 9 and 15 minutes.
Bottles were bubbled in triplicate or duplicate to test the affect of subsampling
and bubbling with unscrubbed (i.e. no heated copper column) oxygen.
"Bubbled-with-scrub" triplicates were bubbled as described in Section 3.2.4,
and as the 21-minute sample in Figure A.5.1. "Bubbled and Sampled"
triplicates were bubbled the same as "Bubbled-with-scrub" bottles, and were
then subsampled 5 times each, following the procedure described in Section
3.2.3 (injecting 5 mL of N2 per sample). "No scrub" bottles were bubbled as
above, except the heated copper column was bypassed, to simulate bad
scrubber conditions (i.e. oxidized copper). Oxygen measurements were
performed in a N2 glove box. Note: method detection limits 1 pM. Although
still below nominal detection limits, subsampling and no-scrubbing may have
resulted in additional oxygen in bottles, as compared to scrubbed and
unsampled bottles. "Max" represents the maximum absorbance measured in
vacuvials after they had sat for > 30 minutes in glove box.
A 0.05 M Tris pH = 8.0 buffer solution was prepared (Trizma, Sigma). 75 ml
of Trizma solution was added to five serum bottles. Originally fully
oxygenated, these bottles were bubbled by the same procedure described
above for the samples. Bubbling was conducted on the same day as the
samples in Figure A.5. 1. The bottles were set aside for 6 days. At this point,
1 mL of the 2' Fe(II) spike was added to each bottle through the septum
(predicted final concentration -26 uM) and bottles were maintained at room
temperature throughout the experiment. Three bottles (A, C, and D) were
sub-sampled 30 minutes, 90 minutes, 7 hours, 22.5 hours, and 46 hours after
spiking and analyzed as described in Section 3.2.3. Two bottles (B and E)
were only sampled at the 22.5 and 46 hour time points; comparing these
infrequently sampled bottles with the bottles sampled at every time point was
intended to test if subsampling added significant levels of oxygen. Unlike the
microcosm experiments, the Trizma bottles were maintained at room
temperature.
There was clearly loss of free Fe . Interestingly, for the frequently
subsampled bottles (A, C, and D), the rate and total amount of oxidation are
extremely similar, suggesting that the residual oxygen or introduction of
additional oxygen is systematic, and not a random error. Bottles B and E, the
less frequently sampled bottles, while still having measurable Fe(II) oxidation,
may exhibit different kinetics. Bottle E has a similar total oxidation of Fe(II)
over the first 22 hours as A, C, and D, but significantly less oxidation takes
place between 22.5 and 46 hours in E than in these other bottles. Bottle B
experienced significantly less oxidation over the first 22.5 hours than any of
the other bottles. Only around 2 uM 02 is required to explain the amount of
oxidation that took place over this time; however, oxidation in bottles A, C,
and D did not appear to be slowing down significantly after 46 hours. If
oxidation is first order with respect to oxygen, then significantly more than 2
uM must be present (or a continual source) for there to be little change in
oxidation kinetics. Liang et al. (1993) suggests that Fe(II) oxidation kinetics
is zero-order with respect to oxygen at low oxygen levels, but in there
experiments oxygen was held constant, as opposed to this experiment in
which oxygen is consumed (unless it's being added with each subsample, or
leaking in with time).
Since the pH of the Trizma bottles was between 0.5 and 1.0 log units higher
than the microcosms, and because the temperature was approximately 15*C
greater, the Fe(II) reaction rate should have been 100 to 1000 times faster than
uncatalyzed kinetics in the microcosms.
Figure 2 Sediment-water interface microcosm experiments: live bottles vs. killed
controls time courses. A) Fe(II); B) nitrate; C) sulfate; D) nitrite; E) 0.2 pIm
filterable Fe(II).
Figure 3 Water column microcosm experiments. Fe(II) as a function of time in A)
autoclaved replicates; B) antibiotic control replicates; C) live [Fe(II)]o ~ 13
VM replicates; D) live [Fe(II)]o ~ 10 pM; E) live [Fe(II)]o ~ 25 PM; F) live
[Fe(II)]o - 50 pM replicates; and G) filtered controls. H) Initial Fe(II)
oxidation rate vs. [Fe(II)]o; solid curve represents enzyme kinetic fit; dashed
curves are the 95% confidence intervals of the fit.
Figure 4 Sorbed Fe(II) vs. 0.02 im filterable Fe(II) ("dissolved") in water column
microcosms. Each symbol represents a time point from live microcosm
experiments. Solid symbols represent time points from filtered controls.
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Chapter 6 Coupled N, Fe, and As cycling in UML
Abstract
Seasonal hypolimnetic anoxia results in As remobilization from the heavily contaminated
sediments (200 - 2000 ppm) of eutrophic, dimictic Upper Mystic Lake (UML, Eastern MA).
Hypolimnetic arsenic chemistry had proven unpredictable over several years of previous
observation, with remobilized arsenic accumulating primarily in its oxidized and particle-
reactive form (arsenite, As(V)) despite several months of anoxia [Chapter 2; Aurilio et al., 1994;
Trowbridge, 1995]. Further, interannual variability in hypolimnetic redox conditions shifted As
redox chemistry toward a predominance of the more mobile and toxic arsenite (As(III)) during
one year [Spliethoff et al., 1995]. In a continuing effort to understand the mechanisms
controlling As remobilization and cycling, this paper reports on a three year field study that
applies mass balance, surface complexation, and thermodynamic modeling to explore As cycling
and its links to other important elemental cycles (Fe, N, 02) in UML. Our results argue that the
majority of As cycling in UML can be explained through considering coupled N, Fe, and As
cycling.
In agreement with observations in other systems, we find that oxygen plays an important role
in As cycling in UML, with the onset of anoxia triggering As and Fe release to the water column.
However, nitrate apparently exercises dominant, although in part indirect, control over the
cycling of arsenic as it accumulates in the water column. UML's large hypolimnetic nitrate
budget provides a lengthy intermediate period in the water column, after the onset of anoxia but
before the hypolimnion can be defined as reducing in the classical sense (e.g. Fe(III), As(V),
SO 4 - reducing). Fe and As accumulate primarily in their oxidized forms during nitrate-rich
periods in the water column. Spatial, seasonal, and interannual variability in nitrate depletion are
correlated with shifts in As and Fe redox chemistry from oxidized to reduced forms. Multiple
lines of evidence argue that nitrate oxidizes remobilized Fe(II) in UML, thus directly controlling
the cycling of Fe (Chapters 4 and 5), and indirectly controlling As chemistry by creating the
surfaces onto which both As(V) and As(II) sorb. At a minimum, nitrate's presence allows for
arsenate's persistence in the water column, perhaps through acting as a higher energy-yielding
electron acceptor than Fe(III) or As(V). In addition, there is indirect evidence that nitrate may
oxidize remobilized As(III), explaining arsenate's accumulation in the water column during
nitrate-rich periods. Field measurements and surface complexation modeling predictions
indicate that sorption by Fe(III)-oxides dominates remobilized As chemistry during nitrate-rich
periods, with over 90% of remobilized As found to be particle-associated at representative
depths. Mass balance estimates indicate that 40% of gross remobilized arsenic was removed
from the water column by settling during 1997, arguing that nitrate's ability to maintain
remobilized iron and arsenic predominantly in their oxidized forms may minimize net As
remobilization. Interannual variability in both Fe and As redox chemistry appear to arise from
interannual variability in the timing of nitrate's depletion in UML bottom waters. During early
nitrate depletion in 1999, As(III) gradually replaced the As(V) already in the water column.
Mass balance estimates suggest that sediment remobilization of As(III) and water column
reduction of As(V) both contribute significantly to this shift toward As(III) dominance.
Building on previous conceptual models, we propose a model to explain As cycling in N-
contaminated lakes. This model is capable of consistently explaining past and current As cycling
in UML by considering the coupled cycling of N, Fe, and As in this system.
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1. Introduction
The highly urbanized and historically heavily industrialized Aberjona Watershed drains, by
way of the Aberjona River, into Upper Mystic Lake (UML; Eastern MA; Figure 1). Over the
past century, the lake has received inputs of ca. 104 kg of arsenic and similar amounts of other
toxic metals due to upstream industrial activity historically based along the river [Durant et al.,
1991; Aurilio et al., 1995; Hemond, 1995; Spliethoff and Hemond, 1996]. Natural
biogeochemical processes (e.g. As sorption on Fe(III)-oxides and settling in the lake's relative
quiescent waters) have resulted in an anthropogenic As reservoir in the lake's sediments. The
high sediment As concentrations [150 to > 2000 ppm dry weight; Spliethoff and Hemond, 1996]
have prompted considerable study in UML to understand the mechanisms controlling As
remobilization and cycling within the water column [Newman et al., 1997; Spliethoff et al.,
1995; Trowbridge, 1995; Aurillio et al., 1994].
Toxic and a known carcinogen [IARC, 1980], arsenic ranks as the highest priority pollutant
at hazardous waste sites in the U.S. [based on abundance and toxicity; ATSDR, 1999]. The
inorganic arsenicals, arsenate ((H2As(+v)0 4 ) and arsenite (H3 As(+"'O 3), have strong but largely
differing affinities for Fe(III)-oxide and other particle surfaces. The lesser affinity of more toxic
As(III) for Fe(III)-oxide surfaces makes it significantly more mobile under certain redox
conditions [Pierce and Moore, 1981; Cullen and Reimer, 1989]. Because of differing As(III) and
As(V) toxicities and mobilities, a mechanistic understanding of the controls on As redox
conversions is necessary for modeling arsenic transport in the environment, and assessing the
need for and efficacy of cleaning up As-polluted ecosystems. Arsenic chemistry in natural
systems, however, notoriously defies simple and consistent explanation or prediction [Cullen and
Reimer, 1989]. Thermodynamic equilibrium estimates, perhaps the most straight-forward tool
for predicting As redox chemistry, considerably underpredict As(III) and As(V) concentrations
in oxidizing and reducing systems, respectively [Cullen and Reimer, 1989; Kuhn and Sigg, 1991;
Peterson and Carpenter, 1983; Seyler and Martin, 1989].
Arsenic chemistry in UM has proven no exception in its unpredictability. Previous
observations have found anoxia to be a poor indicator of As redox chemistry in UML's
seasonally anoxic hypolimnion, with remobilized As accumulating primarily as As(V) and
persisting in its oxidized form throughout several months of anoxic conditions [Chapter 2;
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Aurilio et al., 1994; Trowbridge, 1995]. Arsenate's persistence at concentrations in excess of
thermodynamic predictions has been noted in other permanently and seasonally anoxic lake
hypolimnia, and slow kinetics of As(V) reduction is the most commonly cited explanation [Kuhn
and Sigg, 1991; Seyler and Martin, 1989; Cullen and Reimer, 1989]. However, slow redox
kinetics appears to be an insufficient mechanism through which to consistently explain As redox
chemistry in UML: during one year, As(III) dominated the remobilized As pool [Spliethoff et
al., 1995], suggesting that something besides slow arsenate reduction was responsible for
controlling As chemistry.
As an urban, eutrophic, and metal-contaminated lake, UML represents a complicated, and
perhaps widely representative, system within which to understand As redox cycling. The early
onset of anoxia in the hypolimnion, brought on by eutrophic conditions, results in several months
during which the cycling of remobilized As can be studied. Arsenic redox chemistry's apparent
departure from thermodynamic predictions over the period of many months, along with
interannual variability in redox chemistry, argued that important and unknown processes
controlled As cycling in this system.
We sought to test the hypothesis that As cycling in UML is explainable through a thorough
characterization of redox conditions, coupled elemental cycling (N, Fe, As), and surface
complexation modeling. Conditions in UML were studied during spring, summer, and fall
stratification over three years with the goal of answering several key questions:
What is responsible for As(V) accumulation and persistence under anoxic
conditions in the hypolimnion? To what degree does Fe control the cycling of As
in the water column? Under what conditions is water column As(V) replaced by
As(III)? Does As(III) accumulation result from water column reduction of As(V)
or is As(III) primarily released from the sediments? What causes interannual
variability in As redox chemistry?
2 Background
2.1 As cycling in lakes
(NOTE: This background section is identical to the background presented in Chapter 1)
The cycling of As(V) and As(III) (Table 1) is inextricably linked to the cycling of iron.
Amorphous iron oxyhydroxides are abundant in natural systems, and their surfaces strongly sorb
As(V) [Pierce and Moore, 1982; Belzille and Tessier, 1990; Dzombak and Morel, 1990]. These
surfaces also complex As(III), although less strongly. The settling of particulate Fe out of
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solution, and the accumulation of both Fe and As in the sediments, can therefore act as an
important As sink in oxidizing lake systems [Spliethoff and Hemond, 1996]. This sink is only
partially effective in lakes with seasonally (or permanently) anoxic hypolimnia, owing to iron's
own redox cycle [Davison, 1993]. Shifts in Fe redox state alter its solubility; dissolved Fe(III)T
is maintained at subnanomolar levels by precipitation of Fe"'(OH)3 s, while Fe(II) is typically
soluble (in the absence of sulfide) up to 100's of micromolar [Morel and Hering, 1993]. Upon
stratification, and depletion of oxygen in a lake's bottom waters, sufficiently reducing conditions
develop to initiate dissimilatory Fe(III) reduction at the sediment-water interface. Iron reduction
allows Fe(II)aq and previously sorbed constituents to diffuse back into the water column
[Davison, 1993; Lovley, 1991]. If remobilized Fe(II) encounters a suitable oxidant, it may be
subsequently oxidized, forming primarily amorphous iron oxides [Davison and DeVitre, 1991],
that may scavenge remobilized As. Oxygen is typically cited as the oxidant for Fe(II) in lakes,
and Fe(II) oxidation is generally considered to occur in the vicinity of the oxic/anoxic interface
[Balistrieri et al., 1992; Davison, 1993]. Other compounds (Mn('V)0 2 (s), NO) have also been
suggested as potential Fe(II) oxidants in a subset of lake studies in which 02 could not explain
the persistence of Fe(III) in the water column after the onset of anoxia [DeVitre et al., 1988;
Davison, 1993; Belzille et al., 1996].
Pore-water arsenic is present primarily as As(III) in anoxic lake sediments and soils [Aggett
and Kriegman, 1985; Moore et al., 1988; Keon, personal communication], although As(V) does
tend to be present at significant levels despite thermodynamic predictions to the contrary.
Arsenite in sediments may precipitate with reduced Fe or sulfur (e.g. FeAs("'>S, As 2S3) in
porewater, or be complexed by organic matter [Thanabalasingam and Pickering, 1986]. When
an oxidizing sediment layer of sufficient thickness is present (e.g. when overlain by an oxic
water column), a portion of upward diffusing As(III) may be trapped by Fe(III)-oxide sorption
[Aggett and O'Brien, 1985]. Additional As(III) can be oxidized to As(V) by Mn (IV)0 2(s)
[Oscarson et al., 1982; Scott and Morgan, 1996] or downward diffusing oxygen, and arsenate's
greater affinity for Fe(III)-oxides should substantially limit arsenic release to overlying waters.
The amount of Fe(III)-oxides and competition between diffusive flux and trapping (i.e. the
kinetics of As(III) sorption and/or oxidation to As(V) and subsequent sorption) should ultimately
dictate the amount of arsenite release to oxic water columns.
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With the onset of anoxia in the water column and the disappearance of the sediment
oxidizing layer, it is thus expected that a substantial portion of the remobilized As will result
from porewater As(III) diffusing into the overlying waters [Aggett and Kriegman, 1985]. In
addition, during dissimilatory Fe(III) reduction, sorbed and/or coprecipitated As(V) may undergo
simultaneous or near-simultaneous reduction to As(III) [Ahmann et al., 1996; Harrington et al.,
1998]). Dissimilatory Fe(III) reduction without concomitant As(V) reduction has been noted in
pure culture microcosm experiments [Cummings et al., 1999], indicating that As(V) release to
overlying waters may also occur.
Once in the water column, a portion of remobilized As(III) and As(V) can be scavenged on
the surfaces of freshly precipitated Fe(III)-oxides [Aggett and O'Brien, 1985; Pierce and Moore,
1981], and subsequently removed from the water column through aggregation and settling
processes. Sorption equilibrium of As(III) and As(V) onto Fe(III)-oxides should be established
within hours [Pierce and Moore, 1981], and the distribution of remobilized As between dissolved
and sorbed phases determines its fate in the water column.
Remobilized As is additionally subject to redox transformations in the water column. At
circumneutral pH, arsenate reduction may occur slowly through abiotic reaction with sulfide [0.06
nM d- for S(-II)= 25 M and As(V) = 100 nM at T-25"C; extrapolated from Newman et al., 1997].
Reduction can occur more rapidly through biologically mediated dissimilatory As(V) reduction
[Ahmann et al., 1996; Newman et al.,1998; Harrington et al., 1998; Oremland et al., 2000]. Abiotic
As(III) oxidation on the surfaces of Mn(IV)0 2 () (Table 2) can proceed rapidly [-0.5 d- at pH 6.8 with
Mn(IV)= 25 pM; extrapolated from Scott and Morgan, 1996]. Abiotic oxidation by oxygen (Table
2) is slow [0.3 nM As 1- d- for a 6 nM sample; Scudlark and Johnson, 1982] , but biologically
mediated aerobic oxidation of arsenite can occur rapidly [t 12 = 0.3 hr for micromolar As(III)
concentrations at pH = 8.3; Wilkie and Hering, 1998]. While nitrate and Fe(III) are both
thermodynamically favorable arsenite oxidants (Table 2), no published studies have noted arsenite
oxidation by nitrate, and there seems to be a lack of consensus as to whether As(III) can be oxidized
on the surfaces of Fe(II)-oxides [Oscarson et al., 1982; DeVitre et al., 1991].
Because of differing As(III) and As(V) toxicities and mobilities, a mechanistic understanding
of the controls on As redox conversions is necessary for modeling arsenic transport in the
environment, and assessing the need for and efficacy of cleaning up As-polluted ecosystems.
Since As is generally present in significantly lower concentrations than other environmentally
important redox active elements (e.g. 02, N, Mn, Fe, S), studies concerned with arsenic
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distribution between oxidized and reduced forms often compare thermodynamically predicted
(As(III)/As(V))thermo (based on the "pe of the system") with observed ratios,
(As(III)/As(V))observed. Arsenic chemistry in natural systems is typically far from thermodynamic
equilibrium (Cullen and Reimer, 1989). Sulfate-reducing conditions do tend to shift As redox
chemistry toward a dominance of As(III) (Oremland et al., 2000; Kuhn and Sigg, 1991; Seyler
and Martin, 1989), but it has been observed that As(V) typically persists at levels in excess of
thermodynamic predictions (Kuhn and Sigg, 1991; Seyler and Martin, 1983; Aurilio et al., 1994).
The presence of As(V) under reducing conditions is most often attributed to slow kinetics of
As(V) reduction (Kuhn and Sigg, 1991; Seyler and Martin, 1983; Aurilio et al., 1994; Peterson
and Carpenter, 1983). Others have suggested that As(V) may form unaccounted for dissolved
complexes (e.g. thioarsenicals, Cullen and Reimer, 1989). Because of the difficulty in
determining truly aqueous concentrations, it is also possible that a portion of the apparent
"disequilibrium" may be attributable to inaccuracies in estimating measured
As(III)aqueous/As(V)aqueous, for example due to the presence of colloidal As (Trowbridge, 1995).
Methylated arsenicals (dimethylarsinate and monomethylarsonate; DMA and MMA) and
other organic arsenicals (e.g. arsenobetaine, arsenocholine) occur in natural systems (e.g. Aurilio
et al., 1994; Spliethoff et al., 1995; Anderson and Bruland, 1991; Sohrin et al., 1997; Kuhn and
Sigg, 1991; Cullen and Reimer, 1989). Under certain conditions (e.g. productive epilimnia),
methylated species can comprise a large portion of total arsenic (Aurilio et al., 1994; Sohrin et
al., 1997). Kuhn and Sigg (1991) suggested that 50% of total As in Greifensee was non-hydride
reducible arsenic (i.e. not As(III), As(V), DMA, or MMA) based on measured differences
between hydride reducible arsenic and total As measured after dry ashing. However, total As
was <5 nM; so while these "missing arsenicals" may have been important in Greifensee, the
absolute amount is relatively insignificant to total inorganic arsenic in contaminated systems.
Organic arsenicals (hydride and non-hydride reducible) represented only a small percentage of
total As in the hypolimnion of a basin of Lake Biwa which experienced significant levels As
remobilization from the sediments [Sohrin et al., 1997]. Maximum measured methyl-arsenical
concentrations were 5 nM in the UML hypolimnion (Aurilio et al., 1994).
2.2 UML - site description and background
Home to two Superfund sites and more than twenty state-declared hazardous waste sites, the
heavily urbanized Aberjona Watershed (65 kin 2) transports large masses of numerous
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contaminants to UML [Durant et al., 1991; Aurilio et al., 1995; Hemond, 1995; Spliethoff and
Hemond, 1996; Solo and Perkins, 1997; MA DEQE, 1982). In addition to historic and
continuing heavy metal fluxes to the lake (Pb, Cr, As, Zn, Cu), the Aberjona River delivers 106
kg yr-' of inorganic nitrogen (N0 3 and NH4 ') to the lake (originating from combined sewer
overflows, stormwater runoff, and potentially upstream industrial pollution; MA DEQE, 1982).
The highly productive surface waters of dimictic, eutrophic UML (zmpx = 24 m; Zavg= 15 m;
Asurface ~ 50 ha; V = 7x10 6 in3 ) result in a strong hypolimnetic oxygen demand and the early
onset of anoxia (typically in July; Chapter 2; Aurilio et al., 1994; Spliethoff et al., 1995). Stable
temperature stratification through mid-December allows for several months of hypolinmetic
anoxic conditions.
During previous years of observation in UML, the redox chemistry of hypolimnetic
remobilized As appeared to be far from thermodynamic equilibrium, with the majority of As
present in the +V redox state [Chapter 2; Aurilio et al., 1994; Trowbridge, 1995], when the
several months of preceding anoxia suggested that As(III) should predominate. Aurilio et al.
(1994) attributed such observations in 1991 and 1992 to slow reduction As(V) to As(III),
consistent with explanations offered to explain similar observations in other lakes [Kuhn and
Sigg, 1992; Seyler and Martin, 1989]. Arsenic redox chemistry in 1994 again appeared to depart
from thermodynamic equilibrium (although total As was higher in 1994 than 1992), but a
different explanation was put forth: it was postulated that a fraction of the filterable Fe could be
colloidal (deff < 0.45 pm), and argued that the ratio of AS(III)aq/As(V)aq could be close to
equilibrium when As(V) sorption to this presumed colloidal Fe(III) was taken into account
[Trowbridge, 1995]. In Chapter 2, we confirmed the presence of colloidal As and Fe (during
1997 field season) throughout anoxia. However, the persistence of Fe and As primarily in their
oxidized forms throughout summer and fall stratification was still difficult to explain,
considering the development of anoxic conditions by mid-July and the expected importance of
Fe(II) and As(III). Because of the strong links between the Fe and As cycling [Chapter 2;
Spliethoff et al., 1995; Trowbridge, 1995; Aggett and O'Brien, 1985], UML's Fe cycle was
explored in detail with results presented in Chapter 4. The findings of that study are summarized
in Section 6.1 because of their direct bearing on As cycling.
In 1993, As redox chemistry in UML was found to be dramatically different than in other
years, with a higher proportion of As(III) and significantly higher levels of total As in the water
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column (Spliethoff et al., 1995). Apparently, As redox chemistry had responded to vastly
different redox conditions in the hypolimnion, evidenced by the presence of sulfide (- 25 pM) by
early October (sulfide had not been detected in previous years). Spliethoff et al. (1995)
suggested that this lower redox potential in the hypolimnion resulted from seasonal variability in
one or more oxidants, and that As redox chemistry was delicately poised.
3. Objectives
Previous observations, along with initial work as part of this study, have shown that the
classical models for describing As and Fe cycling fail to explain these elemental cycles in UML.
Because of the important link between Fe and As cycling in this system (Chapter 2), companion
studies have explored the cycling of Fe in this lake in detail (Chapter 4 and 5). This chapter
builds upon the observations made in Chapters 2, 4, and 5, layering the arsenic cycle over the
structural framework provided by coupled N-Fe cycling and surface complexation modeling.
Arsenic data from 1997 are revisited, and compared with arsenic redox chemistry from two
additional years of observation (1998 and 1999) to assess direct and indirect impacts of nitrate on
the cycling of arsenic. Mass balance, thermodynamic, and surface complexation models are used
to address the key questions, outlined at the end of Section 1, concerning arsenic cycling in this
system. In addition, thermodynamically predicted As redox chemistry is compared with semi-
quantitative estimates of "observed" chemistry based on surface complexation model
predictions. The importance of Fe(III)-oxides in the interpretation of As redox chemistry is
discussed. In addition, the paradigm of viewing arsenic redox chemistry through a
thermodynamic model is critically assessed by asking: Is a thermodynamic equilibrium model a
valid model for interpreting As redox chemistry in a lake's hypolimnion? Are there other ways
to interpret As redox chemistry? What can be gleaned from these interpretations?
4. Methods
4.1 Sample collection and water quality parameters
Conditions in UML were monitored throughout spring/summer/fall of 1997, 1998, and 1999
from a permanent buoy positioned in the deepest region of the lake. Dissolved oxygen,
temperature, specific conductance, and pH were measured in situ using a submersible probe unit
(Hydrolab MiniSonde; Austin, TX); a pressure transducer in the probe unit determined depth.
Water samples for depth profiles were collected in acid-cleaned plastic containers by means of a
184
peristaltic pump, with acid-washed vinyl tubing attached to the Hydrolab housing, and were
transported and stored on ice.
Size distributions of As, Fe, and Mn were obtained by in situ serial filtration, as described in
Chapter 2.
4.2 Sample analyses
4.2.1 Arsenite and total (hydride-reducible) arsenic
(Note: this As(III) method section is essentially the same method discussion as Chapter 2, with
the exception of additional information in the second to last paragraph)
In 1997 and 1998, unfiltered subsamples were analyzed for As(III) within 24 h. of collection
by hydride generation atomic fluorescence (HGAF), modifying the selective arsenite reduction
scheme of Andreae (1977) and Aurilio et al. (1994) for use with a continuous hydride generation
system (Excalibur, PSA Analytical) [Trowbridge, 1995]. Some filtered samples were also
measured (1998 - where noted). A Tris buffer maintained an elevated pH (-8) during the
reaction, preventing As(V) reduction while reducing As(III) to arsine gas (AsH3(g)). AsH3(g) was
swept from the gas-liquid separator into the fluorescence detector, atomized in a hydrogen flame,
and detected by atomic fluorescence. There is no consensus in the literature for a widely
applicable method for preserving As redox chemistry in environmental samples [Cullen and
Reimer, 1989]. Therefore, some oxidative loss of As(III) loss during storage can not be ruled
out, although previous work had shown that cold storage for 24 hours was sufficient to maintain
redox chemistry [Aurilio et al., 1994]. High levels of As(III) were not expected in 1997, because
of low measured Fe(II), undetectable sulfide, and the persistence of nitrate throughout the field
season. The presence of particles in samples was found to increase the measurement technique's
sensitivity (relative to standards prepared in Milli-Q water) as evidenced by controlled
experiments using filtered and unfiltered samples. We postulate that this enhanced sensitivity
occurred because particles catalyzed the reduction of As(III) or allowed for enhanced gas
stripping (e.g. particles acting as nucleating sites for bubbles). The higher sensitivity persisted
for a significant period (e.g. >5 to 10 minutes) after sample had been replaced by blank (Milli-Q
water) in the gas-liquid separator. (A possible explanation for the persistence of elevated
sensitivity is that the particle residence time in the gas-liquid separator was greater than the
hydraulic residence time because bubbles continually recirculated particles). This allowed the
amount of increased recovery to be assessed by running standards in between samples. These
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standards were included in the calculation of sample As(III) concentrations. Reduction of As(V)
did not cause the apparent enhanced arsine recovery in the presence of particles, as demonstrated
by the lack of increase in fluorescence in As(V) spiked standards.
To overcome the uncertainties outlined above, the As(III) storage and analysis methods were
improved for the 1999 sampling dates. In 1999, a portable liquid N2 (LN2) dewar was brought
onto the lake, and a subsample at each depth was frozen immediately upon collection and stored
in LN2 until analysis (samples stored for several months). Samples were thawed in a room-
temperature water bath, and analyzed within 1 hour of thawing. The first 2 sampling dates from
1999 were analyzed with the pH buffer described above. For the final three sampling dates in
1999 (10/29/99, 11/18/99, and 12/9/99), the analysis method was further improved. A citrate
buffer, giving a final pH of -5.5 upon mixing with NaBH 4 solution, was substituted for the Tris
buffer, having the effect of increasing the recovery of As(III). In addition, to overcome the
uncertainty introduced by sample-to-sample differences in particle concentrations, As(III)
concentrations were determined by standard addition (3 data points per sample, adding known
amounts of As(III)).
Because of the low measured As(III) concentrations in UML during 1997 and 1998, we
conservatively estimate that the absolute concentrations are known to within ±50% (a few to
several nanomolar As(III), typically representing <10% of total As). This variability has little
impact on our overall conclusions. Estimated uncertainty for 1999 is ±10%.
Throughout the text, total As refers to "hydride-reducible total arsenic." Subsamples for
hydride-reducible total As were acidified with HCl, spiked with a prereducing agent (KI and
ascorbic acid) to reduce As(V) to As(III), and stored at 4'C until analysis, also by continuous
HGAF, but at pH - 1 and with a higher final concentration of NaBH 4 than the As(III) method.
The total As method showed no sensitivity to particles. The technique does measure methylated
arsenicals (mono- and di-methyl arsenate), but these species have been found at only low
concentrations in the UML hypolimnion [5 nM; Aurilio et al., 1994; Spliethoff, 1995] and in
other seasonally anoxic hypolimnia [Sohrin et al., 1997]. The storage protocol varied for total
As samples. In 1997, samples were acidified, spiked with KI and ascorbic acid, and analyzed
within days of collection. Total As analyses for 1998 were performed on samples that had been
frozen within hours of collection; these samples were stored frozen for approximately 1 year,
acidified after thawing followed by storage for several days at 4'C, and finally spiked with the
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prereducing agent 24 hours before analysis. In 1999, analyses were performed on samples that
were acidified within days of collection, stored at 4C for periods ranging from a week to a few
months, and then spiked with the pre-reducing agent 24 hours before analysis. Similarity
between total As profiles across years (see Section 5.2) indicates that the different storage
protocols did not significantly effect total As.
Non-hydride reducible organo-arsenicals (e.g. arsenobetaine) are not measured by this total
As technique, therefore actual total As may be somewhat higher. As(V), as referred to in the
text, is calculated as the difference between total (hydride-reducible) As and As(III).
4.2.2 Iron
Chapter 4 presents a detailed discussion of iron analysis. Briefly, Fe(II) and total Fe were
measured over 3 field seasons. Fe(II) was measured in the field (Chemetrics phenanthroline-
based method) and/or upon return to the laboratory (having quenched Fe(II) oxidation by
acidifying to 0.5 N HCl in the field) by a ferrozine-based method [Lovley and Phillips, 1986;
Stookey, 1970). Total Fe was measured either by graphite furnace atomic absorption (GFAA;
1997) or inductively coupled plasma atomic emission spectroscopy (ICP-AES; 1998 and 1999).
4.2.3 NO3 and NH4+
Samples for nitrate analysis were maintained on ice and analyzed within 48 hours of
collection by ion chromatography (Dionex AS4A-SC column, ASRS-I suppressor, and 1.8 mM
Na2CO 3 + 1.7 mM NaHCO3 eluent).
Ammonium samples were frozen within 12 hours of collection, and maintained frozen until
colorimetric analysis by the phenolhypochlorite method [Solarzano, 1968].
4.2.4 Sulfide
Samples for sulfide analysis (1999) were collected in duplicate BOD bottles with ground-
glass stoppers, stored on ice, and analyzed within 6 hours of collection by the methylene blue
method. Method detection limits are on the order of 1-2 pM.
4.3 Surface complexation modeling
To estimate As sorption on the surfaces of amorphous hydrous ferric (Fe(II)) oxides (HFO)
in the water column of UML, we applied the two-layer surface complexation model of Dzombak
and Morel (1991). The reader is referred to Chapter 2 for a detailed discussion of SCM and the
assumptions used for its application in this study. The applied model neglects competing anions
and cations for HFO surface sites (=Fe-OH). Further, non-HFO sorbents for As(III) and As(V)
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and dissolved arsenic complexes are not considered (e.g. Al(OH) 3(), particulate organic carbon).
Laboratory-derived sorption constants [Pierce and Moore, 1991] are assumed to be applicable to
field conditions.
Modeling results from Chapter 2 demonstrated that this simplified SCM, which assumes that
Fe(III)-oxide surface sites are the only significant As ligand (dissolved or particulate), accurately
predicts As partitioning between sorbed and dissolved phases (typically to within 10%) in zones
of significant levels of Fe and As remobilization.
5 Results
5.1 T, dissolved oxygen, pH
Temperature and dissolved oxygen measurements from 1997 were found to be representative
of all three years (and comparable to previous years described by Spliethoff et al., 1995 and
Aurillio et al., 1994). Therefore only 1997 data are presented here, with data for additional years
presented in the Appendix. In early April 1997, the water column was nearly isothermal (Figure
2A) as well as chemically well-mixed, with dissolved oxygen (Figure 2B), pH (Appendix) and
conductivity (Appendix) constant over depth. A well-established thermocline was evident on
5/5/97, by which time some oxygen depletion was already evident. Steady oxygen consumption
continued through June, and oxygen levels reached detection limits (-6 pM) in the deepest 9
meters by late July. pH measured above 8 in the epilimnion during the height of summer, while
hypolimnetic values ranged from 6.3 to 7 throughout stratification. A depth of 8-10 m
represented the base of the thermocline throughout summer and early-fall during all years, with a
gradual thermocline deepening over the course of fall. The water column remained thermally
stratified, with the bottom 7-9 meters unmixed, through the final sampling days of all three years
(November 1997; December 1998 and 1999).
5.2 As and Fe remobilization
In the well-mixed water column (April), total arsenic levels varied little with depth in 1997,
having an average concentration of -6 nM (Figure 3A). Decreased oxygen levels in the near-
bottom waters initiated As and Fe remobilization as early as 6/26/97 (Figures 3A and 4A).
Release of Fe and As to the water column continued throughout fall stratification, with
concentrations approaching a pseudo-steady state by late August at depths below 21 m. Net
accumulation of Fe and As between 15 and 21 m began slightly later, and continued through
mid-October, until concentrations also approached pseudo-steady levels. Despite the anoxic
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conditions in the bottom waters (beginning as early as late-July), and the significant increase in
Fe and As in the water column, only a small fraction of the Fe and As were measurable as Fe(II)
and As(III) (Figure 3D and 4D). In general, Fe(II) measured between 0 and 5 uM, only 5 to 10
% of total Fe, except in a few instances (e.g. 11/18/97 23.8 m; others). Measured As(III)
represented only a small fraction (5-10%) of total As for dates/depths of significant As
remobilization.
In situ serial filtration was conducted throughout the 1997 field season at 22 m (Chapter 2).
Results demonstrated that insignificant Fe and As increases occurred in the dissolved (deff < 0.05
im) size fraction, despite the fact that both total Fe and total As concentrations increased by a
factor of 10 over this time period. Instead, total Fe and total As increased primarily in the
colloidal/particulate phase, and total As in the 0.05 pm filtrate never increased above 5 nM.
Filters (especially the 0.4 um filter) inspected immediately after retrieving the sampler were
typically stained orange and/or had trapped orange particles. Unfiltered water collected from
deeper than 18 m after the onset of anoxia typically had a distinctive orange tinge. Similar
observations were made in 1996 at 20 m (in particulate for Fe), suggesting that particulate Fe is
the dominant form of remobilized Fe in the hypolimnion throughout stratification (Chapter 2).
The concentrations and redox chemistry of As and Fe in late-summer and early-fall were
similar during 1997, 1998, and 1999 (Figures 3 A-F and 4 A-F). By late October 1999, however,
reduced forms of As and Fe began to dominate their respective budgets in the deepest 3 m of the
lake. A similar shift in Fe redox chemistry occurred in 1998, although beginning slightly later in
the season. No As(III) data is available for 12/15/98.
5.3 As(III) method comparisons
The As(III) data obtained in 1999, when more rigorous precautions were taken both to
maintain As redox chemistry and to account for matrix effects, yielded very similar
concentrations as those measured in 1997 and 1998 when similar redox conditions defined the
system. As discussed below, nitrate-presence/Fe(II)-absence appear to be the most reliable
predictors of As(V) dominance in UML: under these conditions, As(III) tends to comprise only
a minor proportion of remobilized As. On 9/16/99, samples were LN2 frozen but analyzed using
the Tris buffer and [As(III)] 5 -10 nM was measured in the depth regions where there had been
significant As remobilization. This is comparable to concentrations obtained in 1997 and 1998
during nitrate rich periods; therefore, oxidative loss of As(III) in 1997 and 1998 samples appears
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unimportant. Further, in October, November and December of 1999 (using citrate buffer and
LN2), at depths where Fe(II) was negligible but elevated total As was measured, As(III) was
again consistently in the 5-10 nM range. Therefore, a hypolimnetic As(III) range of 2 to 10 nM
appears to be typical for this lake prior to nitrate depletion and build-up of significant Fe(II)
levels. As additional confirmation, the overall 1997/1998 method (sample, storage, and analysis)
has been shown to accurately identify proportionately high concentrations of As(III) when
sufficiently reducing conditions (dominance of Fe(II) and/or presence of sulfide) defined the
water column of As-contaminated Spy Pond (in preparation).
6 Discussion
6.1 Summary of nitrogen and Fe cycling in UML
Nitrogen and iron cycling in UML are described in detail in Chapter 4, and briefly
summarized here because of their strong links to the cycling of As.
6.1.1 Nitrogen cycling
During each year of observation, substantial increases in nitrate occurred in the metalimnion,
upper hypolimnion, and to some degree in the deepest waters of UML during early to mid-
summer (Figure 5 A-C). Comparison of nitrate and ammonium (not shown, see Chapter 4)
profiles with time suggested that nitrification, i.e.
(1) NH 4 + 2 O2(g) - NO3+ 2 H+ + H20 AGO = -35.2 kJ mol',
was responsible for augmenting the initial nitrate pool by 150%. The nitrate increase, if
occurring through nitrification as presumed, consumed 30-45% of the hypolimnetic oxygen pool.
In this way, nitrification shifted a substantial portion of the lake's oxidative capacity from one
oxidant (oxygen) to another, nearly as energy-rich oxidant (nitrate). Oxidation of both arsenite
and Fe(II) by nitrate yields nearly as much energy as their analogous oxidation by oxygen (Table
2); therefore nitrate has the potential to be an important oxidant in the iron and arsenic cycles.
Nitrate persists in the hypolimnion for several months after oxygen depletion, and was
gradually consumed throughout summer and fall during the three years studied (Figure 5 A-C).
The majority of nitrate consumption was likely directed toward the respiration of organic matter
(i.e. denitrification). Because of the reasonably steep nitrate gradient (d[N0 3~]/dz ~ 5 - 10 pM
m 1), significant downward nitrate transport occurred throughout stratification. Downward
fluxing nitrate appears to have aided in satisfying the nitrate demand deeper in the water column,
allowing nitrate-rich conditions to persist for 2 to 5 times longer than would have occurred in the
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absence of nitrate transport. In this manner, the nitrate produced by nitrification, the majority of
which was initially stored in a mound near 15 m, appears to have impacted redox chemistry in
the deepest regions of UML.
Nitrate depletion was more pronounced and occurred considerably earlier in 1999 as
compared to other years, with nitrate falling below detection limits (-2 PM) by 10/29/99 in the
bottom 5 m of the lake (Figure 5A-C). Relatively low prestratification nitrate levels in 1999
(avg. 60 pM over the bottom 4 m 3/30/99, as compared to ~ 80 PM in 1997 and 1998) was a
likely contributing factor to the early nitrate depletion. Deep-water nitrate concentrations
reached detection limits earlier in 1998 (<2 pM by 11/18/98 in the bottom 5 m of the lake) than
1997.
6.1.2 Fe cycling controlled by nitrate
The onset of anoxic conditions initiated the release of Fe from UML sediments (Figure 4).
Nitrate's presence did not appear to prohibit Fe remobilization during the 3 years studied.
However, remobilized Fe, which must have been released primarily as Fe(II) (cf. Davison,
1993), accumulated primarily as Fe(III)-oxides in the water column, despite the absence of
oxygen (Figure 4G-J). An oxidant besides oxygen appeared responsible for the oxidation of
remobilized Fe(II). A mass balance on Fe(III) and potential Fe(II)-oxidants found that nitrate
was required to explain a minimum of 75% of remobilized Fe(II) oxidation during nitrate-rich,
anoxic periods in the lake's deep-waters during 1997, 1998, and 1999.
In addition to quantitative evidence (i.e. oxidant mass balances), Fe(II) oxidation by nitrate is
required to qualitatively explain Fe(III) accumulation patterns in the water column. During the
late summer and early fall of 1997, 1998, and 1999, fast (relative to transport rates) oxidation of
remobilized Fe(II) by nitrate throughout much of anoxia must be invoked to explain the shape of
the Fe(III) depth profiles. With nitrate present at the sediment-water interface at all depths,
remobilized Fe(II) from lateral and bottom sediments was oxidized upon entering the water
column, causing iron to accumulate predominantly as particulate Fe(III)-oxides (Figure 4G-I).
As a result Fe(III) increased with depth, even below the anoxic-oxic boundary. No Fe(III) peak
appeared in the water column even after several months of anoxia, for as long as nitrate was
present. Appreciable shifts in Fe redox chemistry only occurred in the lake after nitrate
depletion, serving as further corroborative evidence for coupled Fe(II)-oxidation/nitrate-
reduction (late fall 1998 and 1999, Figure 4D-I). A distinct Fe(III) peak formed in the water
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column during 1999 at depths coincident with the nitrate-rich/nitrate-depleted interface (Figure
41), analogous to the Fe(III) peak predicted to form at the oxic-anoxic interface in systems in
which nitrate is unimportant [Davison, 1993]. Below the Fe(III) peak, Fe(III) reduction in the
water column along with sediment remobilization of Fe(II) (without an oxidant to oxidize it to
Fe(III)) both appear responsible for gradually shifting Fe redox chemistry from predominantly
Fe(III) to a dominance of Fe(II). The continued presence of nitrate at and above the Fe(III) peak
prevented significant Fe(III) reduction in the water column, and oxidized Fe(II) remobilized
from lateral sediments.
Because abiotic Fe(II) oxidation by nitrate occurs slowly (Ottley et al., 1997; Moraghan and
Buresh, 1976), and pure and enrichment culture studies had found that bacteria were capable of
mediating this reaction (Straub et al., 1996; Benz et al., 1998), we hypothesized that biological
mediation of Fe(II) oxidation by nitrate was occurring in UML. Microcosm studies were
conducted with UML water samples to test this hypothesis (Chapter 5). Anaerobic, biologically-
mediated Fe(II) oxidation occurred in live microcosms with sample obtained from the sediment-
water interface (-1% solid). The majority (85%) of initial Fe(II) ([Fe(II)]. = 1.4 mM) was
oxidized over the course of 20 days in live microcosms, turning the slurries' color from deep
black to orange-brown. Nitrate was the only oxidant available (and consumed) in sufficient
amount to explain the oxidation. No measurable Fe(II) oxidation occurred in killed controls,
suggesting that biological mediation may cause iron and nitrogen coupling in the lake.
6.2 As remobilization and redox chemistry
As expected, arsenic release from the sediments coincided with Fe remobilization, both
apparently triggered by the development of anoxic conditions in the hypolimnion (compare
6/26/97 with 7/30/97, and 6/18/98 with 8/4/98; Figure 3).
However, during the initial stages of As remobilization (July through September) of all three
years, only a small fraction of remobilized arsenic accumulated in the water column as As(III)
(Figure 3D-F). In UML, arsenite measurements were carried out on unfiltered samples, and the
extent to which this technique would have measured sorbed As(III) is uncertain. However, even
under the assumption that no sorbed As(III) was measured, total arsenite would have comprised
less than 10-15% of the total remobilized As pool, based on the predicted sorbing tendency of
arsenite to Fe(II)-oxides in the UML deep hypolimnion (Section 6.3; with Fe(III) ~ 50 - 100 pM
and pH - 6.7, 40-60% sorbed). This is in contrast to one anticipated outcome, i.e. the
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disappearance of the sediment oxidizing layer allowing for substantial accumulation of As(III) in
the water column after its release from sediment pore-water [cf. Aggett and Kriegman, 1988].
Any remobilized As(III) must therefore have been oxidized once entering the water column. The
minor importance of arsenite in the UML water column throughout 1997 is broadly consistent
with thermodynamic predictions, considering the low levels of Fe(II) and the presence of nitrate.
However, because As(III)aq and As(V)aq actually determine arsenic redox chemistry's adherence
to thermodynamic predictions (not As(III)ttai and As(V)totai), a closer interpretation of As redox
chemistry, incorporating estimates of sorbed arsenate and arsenite, is presented in Section 6.5.
Interannual variability in both Fe and As redox chemistry appears to arise from interannual
variability in the timing of nitrate's depletion in UML bottom waters. Unlike 1997, a year
characterized by nitrate persistence through at least mid-November, arsenic redox chemistry in
1999 experienced a mid-fall shift, with As(III) representing one-fourth of total As in the bottom
3 meters of the lake by 10/29/99 (Figure 6). The As(III) increases coincided, temporally and
spatially, with the onset of nitrate depletion, and As(III) levels were only elevated (above ~10
nM) at depths where nitrate was below detection limits. As(III) became increasingly more
abundant at those depths throughout the remainder of the field season, eventually comprising
more than 75% of total As from 21-24 meters by 12/9/99. While similar shifts in As redox
chemistry were expected during nitrate depletion of 1998 (considering the analogous changes in
Fe chemistry, Figure 4E and F), As(III) data is unavailable for 12/15/98 due to instrument
difficulties.
Analogous to iron (see Figure 11 in Chapter 4), a compilation of post-anoxia hypolimnetic
data over three years demonstrates a strong relationship between nitrate depletion and As(III)
appearance (Figure 7 B). Although As(III) only became important after nitrate depletion, the
presence of nitrate did not prohibit arsenic remobilization (Figure 7A). Instead, As accumulated
throughout the nitrate-rich period in the hypolimnion. The apparent inverse correlation between
nitrate depletion and the sediment-area-normalized As mass is not an entirely causal relationship,
however, since both may vary independently as a function of time. Nitrate was gradually
consumed over time at all depths. Arsenic accumulation at any given depth results from both
vertical turbulent diffusion of dissolved and colloidal As and As remobilization from lateral
sediments. Because of upward transport, arsenic increases at a given depth can occur
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irrespective of the nitrate concentration at that depth. Therefore total As increases can not alone
be attributed to decreasing nitrate.
Spliethoff et al. (1995) previously described interannual variability in UML As redox
chemistry, contrasting the As(III) predominance of 1993 with As(V) predominance of the two
prior years during fall anoxia. They suggested that As redox chemistry was delicately poised,
and that a "missing" oxidant during 1993 was a likely cause of the early onset of As(III)
predominance. Our results are consistent with this assertion, and implicate nitrate as the missing,
or earlier-depleted, oxidant. The maximum total As concentration was approximately a factor of
2 greater in 1993 than 1999, and 1993 As levels peaked in October, in contrast to the gradual
increase observed in 1999 from October through December. Further, sulfidic conditions defined
the deep hypolimnion by October 1993. In 1999, a faint sulfide odor may have been detected in
the field at some nitrate-depleted depths. At the time of measurement (-6 hours after collection),
however, sulfide levels were at or below detection limits (1-2 pM) and none was detectable by
odor. Considering the levels of Fe(II) at these depths (-100 pM), the FeS solubility product
would have been exceeded when total dissolved sulfide reached - 0.3 PM (pH - 6.8; K,= 10-18.1,
Morel and Hering, 1993). While it is possible that all/any low-level sulfide was lost due to
oxidation during storage, this identical sampling/storage/analysis protocol was successful at
measuring sulfide (-20 pM) in another lake in which sulfide was clearly detected by odor, Fe(II)
was easily measurable (-25 VM), and black precipitates (presumably FeS) were plentiful (Spy
Pond; in preparation). It is therefore unclear if sulfide, free or precipitated as FeS, was ever
present in UML during 1999.
In 1999, As(III) gradually replaced As(V) in the water column (Figure 3C and F). Such a
replacement could have arisen through a combination of As(III) remobilization from sediments,
As(V) leaving the water column via settling, and water column reduction of As(V). Mass
transport estimates in Section 6.4.3 explore these possibilities quantitatively and suggest that
sediment remobilization of As(III) and water column reduction of As(V) both contributed, in
similar amounts, to the shift toward As(III) dominance.
6.3 As sorption on Fe(III)-oxide surfaces
6.3.1 Qualitative evidence
Observations of Fe and As cycling in UML, considered alongside known properties of Fe
and As chemistry, lead to the logical hypothesis that sorption by Fe(III)-oxides controls arsenic
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chemistry at depths where significant levels of remobilized Fe and As accumulated. During
hypolimnetic anoxia, iron and arsenic were remobilized in concert from UML sediments.
Remobilized Fe(II) was quickly oxidized, and iron accumulated primarily as Fe(III)-oxides in the
water column during nitrate-rich periods (Chapter 4). Arsenic was either remobilized primarily
as As(V), or remobilized As(III) was quickly oxidized upon entering the water column (As(V)
vs. As(III) remobilization is discussed further in Section 6.5.1). In natural waters, total arsenate
and total arsenite can be distributed throughout several pools (Figure 8), depending upon the
affinity of each for available dissolved ligands and particle surface-sites in solution. In non-
sulfidic waters, aqueous complexes of arsenate and arsenite with other dissolved constituents are
thought to be insignificant [Cullen and Reimer, 1989]. Amorphous iron-oxides, however,
strongly sorb inorganic arsenic, as demonstrated in laboratory studies [Pierce and Moore, 1981]
and confirmed under field conditions [Belzille and Tessier, 1991], and sorption equilibrium has
been shown to occur within hours [Pierce and Moore, 1981). Thus, authigenic, freshly-
precipitated amorphous Fe(III)-oxides should quickly scavenge remobilized As from the water
column. Complexation by particulate sorbents other than iron (e.g. Al(OH) 3(s), clays, MnO2 (s),
humic substances) is possible [Thanabalasingam and Pickering, 1986; Cullen and Reimer, 1989;
Manning and Goldberg, 1997]. However these solids' capacity to sorb As (i.e. considering both
their concentration and As-affinity for their surfaces) are not expected to be significant, relative
to Fe(III)-oxides, in this system (Chapter 2).
Field data support the assertion that Fe(III)-oxide sorption controls remobilized arsenic
chemistry in UML. In situ serial filtration experiments (1996 and 1997) throughout the field
season demonstrated that both Fe and As were similarly removed by successively smaller pore
size filters, with only a small fraction of each passing a 0.05 [rm filter (Figure 9; and see Chapter
2). In addition, sorption or coprecipitation would explain the strong correlation between depth
profiles of remobilized Fe(III)-oxides and total As during nitrate-rich periods of 1997, 1998, and
1999 (Figure I0A). Solid Fe(III)-oxides (and associated As) would be transported differently
than dissolved As. The apparent decoupling of Fe(III) and total As after nitrate depletion in
1998 and 1999 (Figure 10B) argues that the correlation in late-summer/early-fall was linked to
the redox states of Fe and As. Strong correlations between particulate (> 0.45 um) Fe and As
profiles were also noted in 1994 (Trowbridge, 1995).
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6.3.2 Surface complexation modeling
Surface complexation modeling provides further, and quantitative, confirmation of the
hypothesis that Fe(III)-oxides control As chemistry in UML through sorption of As(V) and
As(III) (Chapter 2). A consequence of this hypothesis is that SCM should accurately predict the
partitioning of As between particulate and dissolved phases; i.e. sorbed As, as predicted by SCM,
should be approximately equal to the amount of As trapped by the 0.05 pm filter (neglecting
colloidal Fe/As smaller than 0.05 pm) in filtration experiments. Comparison of in situ filtration
experiment data in UML with surface complexation modeling outputs demonstrated that SCM is
a good predictor of As distribution between particulate and dissolved phases at depths and dates
of significant Fe and As remobilization (Chapter 2). For the majority of filtration experiments
(1996 and 1997), the 1997 subset of which are presented in Figure 9, SCM predicted As sorption
to within 10%.
SCM was applied to 1997 and 1999 arsenic and iron field data (from Figures 3 and 4) over
the bottom 9 meters to estimate the distribution of As(III) and As(V) between sorbed and
dissolved phases in the water column. Throughout 1997, despite the fact that As(V)tot >>
As(III)totai, SCM predicts that As(III)aq dominated the dissolved As pool, with As(III)aq present at
typically 10 to 100 times greater concentrations than As(V)aq (Figure 11 A-C). With increasing
Fe(III) (between 7/30/97 and 8/27/97), As(III)sorbed became an important component,
representing 50-80% of As(III)tota below 20 m on 8/27/97 and 11/18/97. Sorption maintained
As(V)aq at subnanomolar concentrations throughout the field season (>99% of As(V)totai was
sorbed), and As(V)sorbed was clearly the dominant species throughout most of the hypolimnion.
By 11/18/97, despite several months of anoxia, SCM predicts that greater than 95% of total As
remained complexed by Fe(III)-oxides in the bottom 9 m of the lake. This is consistent with in
situ filtration measurements at 22 m on 11/18/97 and at 20 m on 11/20/96 (Chapter 2). SCM data
from other sampling dates yielded similar results (not shown).
The SCM results from early 1999 (through 9/16/99) are similar to the 1997 model results, as
expected since both time periods were characterized by predominantly As(V) and Fe(III) (Figure
12A and B). However, by 10/29/99, the shift in As redox chemistry increased the importance of
As(III)aq and As(III)sorbed (Figure 12C). Although Fe(III) levels had begun to decrease below 21
m by 10/29/99, the lower-level Fe(III) still allowed for continued sorption-dominance of As(V)
chemistry. As(III)aq took on an increasingly important role by 11/18/99, with As(III)aq ~
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As(V)sored in the deepest sample (Figure 12D). On 12/9/99 at 21 m, As(V)sorbed represented 98%
of As(V)totai, despite the fact that-only 5 gM Fe(III)-oxide remained at this depth (Figure 12E).
Only after complete Fe(III) disappearance, deeper in the water column, did As(V)aq begin to
represent a significant percentage of total As in the control volume. By 12/9/99, the bottom 2
meters of the lake were Fe(III)-depleted: As(III)sorbed and As(V)sorbed disappeared, and As(III)aq
became the dominant species.
6.3.3 Uncertainty of SCM predictions
It should be reemphasized that, although quantitatively derived from and qualitatively
consistent with known As and Fe properties, and consistent both qualitatively and quantitatively
with measurements in this system, the above estimates of As distribution between sorbed and
dissolved phases are model predictions. SCM proved a good estimator of As sorption during
low-Fe(II), nitrate-rich periods (1997 and presumably 1996, although no 1996 nitrate data
available). Therefore, 1997 sorption predictions do have independent confirmation. However,
SCM's ability to accurately predict the individual aqueous components, i.e. As(V)aq and
As(III)aq, has not been tested.
No independent confirmation of modeled sorption estimates are available for 1999 (i.e. 0.05
pm filtration was not performed in 1999). The sorption dominance of As exhibited through
filtration experiments in two different years (1996 and 1997, Chapter 2) argues that 8/4/99 and
9/16/99 (nitrate-rich dates) SCM results should provide reasonable predictions of arsenic
distribution between sorbed and dissolved phases. However, additional studies are needed to
confirm the applicability of SCM under nitrate-depleted conditions in UML. It is possible that
under more reducing conditions, HFO concentration estimates (i.e. Fe(III)cac = total Fe - Fe(II)),
HFO surface properties, or significance of competing anions (phosphate) could be substantially
different than considered in the model. In addition, depending on which Fe(II) method is used
for its calculation, Fe(III)calc in the bottom 2 meters on 12/9/99 could range from zero (using
Fe(II)errozine) to 10 pVM (using Fe(II)acuviai) (see Chapter 4 Figure 8H; Fe(II)ferozine>total
Fe>Fe(II)acuviai). It is therefore possible that a large fraction of As(III) and As(V) could have
remained HFO-complexed on 12/9/99 at these depths, making 12/9/99 predicted profiles more
similar to 11/18/99 model estimates. Nonetheless, the difference between predicted As sorption
during nitrate-rich and nitrate-depleted periods depicted in Figure 12 should be at least
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qualitatively accurate - lower levels of Fe(III) and higher levels of As(III) should lead to more
aqueous arsenic.
While competing sorbates were not considered in the above modeling exercises, phosphate
has the potential to play an important role in determining the degree to which As(III) and As(V)
were sorbed. The agreement between filtration experiment data and SCM outputs, however,
suggests that phosphate was relatively unimportant during 1996 and 1997. Although not
measured during the years studied here, total phosphate levels in the UML anoxic hypolimnion
can be on the order of 5 pM [Abassi, personal communication; MA DEQE, 1982]. Both
phosphate and As are released from sediments during dissimilatory Fe(III) reduction. Elevated
phosphate levels in the water column could reduce the number of Fe(III)-oxide surface sites
available for As sorption, increasing the importance of both As(III) and As(V) aqueous phases.
It is important to note, however, that when major cations are considered in the SCM, the majority
of phosphate is not sorbed by HFO. Instead, more than 80% of 5 pM total Po 43 precipitates as
Mn(")HPO 4 (when total Mn2, = 40 pM). While it is not known whether MnHPO4 precipitation
actually occurred in UML, the formation of this complex would explain why phosphate appears
to have had little impact on As sorption.
SCM was conducted using available equilibrium data established at temperatures of 20-25'C
instead of the in situ temperature of -5*C. The lack of necessary thermodynamic data (i.e.
enthalpy, AH*) in the literature for As sorption reactions on HFO and for the acid-base reactions
of HFO surface sites made it impossible to completely correct for temperature differences.
However, to the degree that temperature effects can be quantified (i.e. by correcting the arsenate
and arsenite acidity constants), conducting the SCM at 25*C instead of the in situ temperature
(-5'C) appears to negligibly decrease As(V) sorption (A[As(V)sorbed] < 1%) under typical UML
conditions. This same partial-temperature-correction, however, has a substantial impact on
As(III) sorption: sorbed As(III) decreases by 80%. Such a decrease in As(III) sorption would
only be important to the total-sorbed-arsenic budget when As(III) is present at significant levels
(e.g. deep waters on 10/29/99, 11/18/99, and 12/9/99). Without the simultaneous consideration
of temperature effects on all reactions relevant to As sorption, however, neither the quantity nor
the direction (i.e. resulting in more or less sorption) of the correction can be accurately
quantified.
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As discussed in Chapter 2, the overall uncertainty of SCM sorption predictions, based on the
uncertainty of model inputs, was roughly ±10% for typical conditions in the 1997 hypolimnion
(high Fe(III), low As(III)). Comparable uncertainty would be expected for 8/4/99 and 9/16/99,
dates for which hypolimnetic conditions were similar to 1997. However, the expected
uncertainty at depths having high levels of As(III) (on 10/29/99, 11/18/99, and 12/9/99) could be
more significant. If the actual temperature-related shifts in As(III) sorption are of similar
magnitude to the partial temperature corrections described above, total aqueous arsenic would be
higher than predicted on these dates because of the higher As(III)tta levels present.
6.4 As transport
Arsenic mass transport estimates allow for the quantification of several important As cycling
processes:
" Accumulation of As within a control volume accounts for only a portion of arsenic
remobilization from sediments, because net settling of As out of the control volume, and net
export by turbulent diffusion may also occur. By accounting for As transport from a control
volume, rates of arsenic remobilization can be estimated, even during periods in which
arsenic mass in the water column appeared to be at a steady state.
* We argue above that nitrate plays the dominant role in ushering remobilized arsenic into the
sorbed phase in the water column. Sorbed As is then subject to aggregation, settling, and
ultimately removal from the water column. It is presumed that in nitrate's absence, As would
have accumulated without settling, barring precipitation as As 2S3(s) (Newman et al., 1997) or
FeAsS. Therefore, estimating As removal by settling from the water column allows for the
quantification of nitrate's potential role in minimizing net As remobilization.
* It was suggested in Section 6.2 that As(III) accumulation in 1999 may have arisen from both
As(III) remobilization from sediments and water-column reduction of As(V). Arsenate
decreases in a control volume that can not be accounted for by As(V) export most likely
resulted from As(V) reduction to As(III). With this logic, it is possible to estimate As(V)
reduction rates for comparison with observations made in other systems. In addition,
sediment remobilization of As(III) can be quantified from the difference between total
As(III) production (including As(III) exported from the control volume) and As(V)
reduction.
199
6.4.1 Mass balance overview
To quantify As remobilization and transport in UML's hypolimnion, we applied a one-
dimensional As mass transport model (Table 3A Equations 1 and 2; after Imboden and
Schwarzenbach, 1985). Essentially the same transport model was used in Chapter 4 for Fe
transport, and its derivation and simplifying assumptions are described there in greater detail.
Using 1997 and 1999 field data, the 21-24 m depth interval is considered as a control volume and
the model used to estimate arsenic exchange across boundaries with sediments (bottom and
lateral) and adjacent water volumes (Figure 13A). The 21-24 m control volume was chosen for
the mass balance calculations on As because: i) it represented a zone of significant arsenic
accumulation; ii) the best spatial resolution of As(III) and As(V) measurements are available for
this region; and iii) turbulent diffusive transport estimates were simplified because it was only
necessary to consider diffusion across the 21 m surface (the other "boundaries" are the sediment-
water interface). The presence of both solid-phase and dissolved arsenate and arsenite requires
the consideration of two forms of As transport: settling and turbulent diffusion. The model
incorporates accumulation of As(III) and As(V) within a control volume, import and export of
particulate and dissolved As by turbulent diffusion, aggregation and settling of particulate As,
remobilization of As from lateral sediments, and internal sources/sinks resulting from As redox
conversions. Terms (a) through (e) in both Equations 1 and 2 are estimated based on transport
data and/or field measurements. . As(III) and As(V) are modeled separately and linked by the
"redox transformation" terms (Table 3A Eqns 1 and 2 terms f). The sum of terms (f) and (g),
redox transformations and sediment remobilization, is calculated by difference (total As(III) or
total As(V) production or "disappearance").
Table 3B summarizes the estimation methodology for the primary transport parameters' (veff
and K,). Because As distribution between sorbed and dissolved phases can change with time, the
SCM estimates from above (As(III)aq, As(V)aq, As(III)sorbed, and As(V)sorbed), calculated for each
date and depth, were used as model inputs. Once estimating the amounts As(III)sobed and As(V)-
sorbed, we assumed these sorbed fractions would settle by the same mechanism used for modeling
Fe(III) settling (Chapter 4 Section 6.3.2; see also Table 3B this chapter). Gradients at 21 m
were calculated from best fit curves of As(III)aq, As(V)aq, As(III)sorbed, and As(V)sorbed in order to
estimate transport of both particulate (i.e. sorbed) and aqueous As by turbulent diffusion.
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6.4.2 As transport - 1997
The majority of net As remobilization in the 21-24 m c.v. occurred between 6/26/97 and
8/27/97 (Figure 13B). As evidenced by field data (filtration measurements were conducted at 22
m) and model predictions, remobilized arsenic was predominantly (> 90%) associated with
particles during this time period and thus subject to aggregation and settling. All arsenic (sorbed
and dissolved) was assumed to be subject to transport by turbulent diffusion (see Chapter 4
Section 6.3.3). Between 7/30/97 and 8/27/97, approximately 28 moles of As were remobilized
from the sediments, of which -45% accumulated in the water column (Table 4A). An additional
30% and 25% were exported from the control volume by turbulent diffusion and net settling,
respectively. Because of the small gradients in As(III), As(III) transport was insignificant
relative to As(V). Total arsenic flux from the sediments, during this time period was
approximately 8.3 pmol m- d-.
Between 8/27/97 and 10/22/97, total As levels in the 21-24 m c.v. remained relatively
constant. However, ongoing transport of As out the control volume by settling and turbulent
diffusion requires that As remobilization from the sediments continued throughout this period
(Table 4A). Of the nearly 30 moles remobilized, approximately 59% was transported from the
c.v. by turbulent diffusion, and 37% removed by net settling. Estimated sediment remobilization
was approximately half of that estimated between 7/30/97 to 8/27/97. This may reflect a true
decrease in remobilization: for example, colder surface waters may have resulted in primary-
productivity decreases, lower fluxes of detrital organic matter to the sediments, and ultimately
lower rates of Fe(III)-reduction and As release. However, an underestimate of net As export
from the control volume is just as likely: the average d[As(V)par]/dz gradient used (15 nM m)
to estimate turbulent diffusive flux may not reflect the actually gradient, since d[As(V)patl/dZ
was approximately 45 nM m4 on 9/16/97 (Figure 3A). This slope was initially excluded from
the mass balance because its large value is dictated by the concentration at 22 m, a data point
which appears potentially suspect (i.e. not part of a smooth curve). (Analytical error is unlikely
because a similar profile can be seen for total Fe on this date in Figure 4A. This value might
have originated through a transient phenomenon, and therefore not be representative of the entire
period). When the gradient on 9/16/97 is included to estimate a time-averaged slope for 8/27/97-
10/22/97 (25 nM d'), the sediment As flux is estimated to be ~ 6.1 [tmol m 2 d-, closer to the
value obtained for 7/30/97-8/27/97.
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Slighter As gradients in the bottom 3-4 meters of the lake resulted in still-lower As export
rates between 10/22/97 and 11/18/97. Mass estimates suggest that As storage in the control
volume actually decreased during this time period.
6.4.3 As transport - 1999
Between 8/4/99 and 9/16/99, arsenic was remobilized from the sediments at rates comparable
to those estimated during late-summer 1997 (Table 4B). Again, during this time period, As(V)
represented the majority of As in the c.v. Total arsenic mass may have decreased slightly during
this time period, and export of As(V) by turbulent diffusion was 1.5 times greater than removal
through net settling.
With the onset of nitrate depletion, As(III) assumed greater importance between 9/16/99 and
10/29/99. The mass balance model calculations estimate that both As(V) and As(III)
"production" (i.e. positive value in row f: accumulation in 21-24 c.v. + net export) occurred
during this time period. This observation is likely an artifact of the long time period (43 days),
with As(V) production earlier in this period, followed by primarily As(III) production. It is also
possible, though, that As(V) and As(III) masses increased simultaneously.
Between 10/29/99 and 11/18/99, mass balance estimates indicate that net As(V)
production/disappearance was small (row f); net As(V) export (-3 moles) is able to explain most
of the -5 mole decrease in As(V) mass in the control volume. Approximately 16.5 moles of
As(III) were produced during this time period (row 1). Less than 10% of this arsenite production
can be explained through reduction of As(V) to As(III); the remainder of As(III) "production"
must therefore have occurred through sediment remobilization of As(III).
From 11/18/99 to 12/9/99, a substantial amount of As(V) reduction appears to have occurred
in the water column (row f) (NOTE: turbulent diffusive fluxes of As(V)pa and As(V)iss
effectively cancel one another, because SCM estimates indicate that As(V) partitioning shifts
from 100% dissolved to 100% particulate between 21 and 22 in). Nearly 50% of the As(III)
produced during this time period was transported out of the control volume as As(III)aq with the
remainder accumulating in the control volume. Water column reduction of As(V) (row f) can
explain approximately 40% of the As(III) produced; the remainder must have arisen through
sediment remobilization of As(III).
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The estimated rate of arsenic remobilization remained fairly constant throughout the
observed periods of 1999 (5.8-7.6 ptmol m 2 d 1), despite the significant change in water column
redox conditions beginning in September/October.
6.5 Implications of mass balance estimates
6.5.1 Arsenite oxidation in the water column
Two explanations for the accumulation of primarily As(V) throughout the early periods of
anoxia in 1997, 1998, and 1999 are: i) remobilization of As(III) and As(V) followed by fast
oxidation of remobilized As(III), or ii) nearly exclusive remobilization of As(V). Nearly-
exclusive As(V) remobilization seems highly unlikely, considering literature observations of
As(III) dominance in pore water, dissimilatory As(V) reduction, and concomitant As(V)
conversion to As(III) during dissimilatory Fe(III)-reduction, although the release of sorbed
As(V) (without redox-state alteration) can occur [Cummings et al., 1999]. After the onset of
anoxic conditions, a redox potential sufficiently low to enable Fe(III)-reduction necessarily
defined the near-surface sediments in UML, as evidenced by the release of iron to the water
column. Reasonable levels of Fe(II) (50 to 100 pM) in the sediment pore-water would predict
that As(III) was the dominant form (50 to 98%) of pore-water As (considering pH 6.6 to 6.8).
The thinning or disappearance of the sediment oxidizing layer with anoxia's onset should
therefore initiate pore-water As(III) release. While some direct As(V) remobilization may have
occurred, a substantial portion of the arsenic released to the water column should have initially
been remobilized as As(III).
In order to account for the minimal accumulation of As(III) in the water column throughout
1997 and between 8/4/99 and 9/16/99 (Table 4A and B row 1), it seems that As(III) oxidation
needs to have occurred. The above mass balance estimates of As remobilization fluxes can be
used to estimate possible pseudo-first order rate coefficients for As(III) oxidation, k'mid, using
Table 3A Equation 1. This equation consolidates to:
(2) k'xid * [As(III)]C.V. Vc,. - At = { (sediment As flux) - A2,m - At }- (row 1 of Table 4)
after making the reasonable assumption that water-column reduction of As(V) is insignificant
during nitrate-rich periods. Table 5 presents estimates for k'.xid (0.2 to 0.7 d-) assuming either
50% or 100% of arsenic remobilization occurred as As(III). Oxygen, nitrate, nitrite, Mn"V0 2 (s),
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and Fe(III)-oxides are thermodynamically favorable As(III) oxidants (Table 2). Because of the
low As(III) levels, it is not possible (as it was in Chapter 4 with Fe(II)) to rule out, with certainty,
any of these oxidants on a mass basis.
However, it may be possible to reasonably rule out or rule in some of these oxidants
observationally. Nitrate appears to be the strongest candidate for oxidant, considering its
abundance and the strong correlation between nitrate depletion and the onset of As(III)
accumulation; any other oxidant must have become simultaneously depleted in order for it to
explain the apparent cessation of As(III) oxidation. The accumulation of As(III) during periods
when high Fe(III) levels remained in the water column (e.g. 9/16/99 - 10/29/99) argues that
Fe(III) was not an important As(III) oxidant, especially considering that the sediment flux
remained comparable to the previous month's. Filtration experiments at 22m suggest that a
maximum of 6 pM particulate Mn (conservatively assumed to be all Mn(IV)) was present
throughout 1997 anoxia (Chapter 2), more than enough to explain As(III) oxidation on a mass
basis. However, extrapolating data from laboratory experiments with Mn(IV)-oxides [Scott and
Morgan, 1996], on the order of 25 pM Mn(IV) would have been required to explain the predicted
oxidation rates, without accounting for temperature differences (250C for Scott and Morgan
(1996) vs. 5'C for UML field conditions). Trace oxygen cannot be entirely ruled out, because
abiotic estimates of As(III) oxidation by oxygen have been estimated as 0.2 nM d- (Scudlark and
Johnson, 1982), of sufficient magnitude to explain some of the estimates in Table 5.
6.5.2 Arsenic removal by settling
Between 7/30/97 and 11/18/97, while nitrate persisted in the anoxic water column, 66 moles
of As settled out to the bottom of lake (sum of row b). Only 6 moles of this settling As could
have come from exogenous inputs of As, as estimated from sediment trap data (see Figure 14;
traps exposed from 8/16/97 to 9/16/97, average flux above 21m was -0.5 pimol m2 d', Ai 5m=
0.22 x 106 m2 ). The remaining 60 moles of settled As must therefore have resulted from
authigenically produced particulate As. Multiple lines of evidence argue that nitrate is
responsible for most of the Fe(II) oxidation in the deepest waters (Chapter 4). Nitrate also
appears to explain remobilized arsenic's accumulation primarily as highly particle-reactive
As(V). By this logic, nitrate is responsible for the majority of As settling out of the water
column, assuming similar processes occurred higher in the water column (i.e. outside the 21-24
m c.v.). Net As remobilization during 1997 was approximately 72 moles (based on
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concentrations from 11/18/97, 15 to 24 m). Gross As remobilization however was
approximately 132 moles (72 + 60). By these estimates, nitrate's presence in the water column
may have reduced net As remobilization by 45% in 1997.
Net As remobilization in 1999 from 15 to 24 m (120 moles) was approximately 50 moles
greater than in 1997. While multiple factors could contribute to this elevated As release, its
occurrence during an earlier-nitrate-depleted year is likely not entirely coincidental based on the
above discussion. Spliethoff et al. (1995) estimated net As remobilization to be ~170 moles in
UML during 1993, the other observed year in which high levels of As(III) were measured, which
we now presume was also due to early nitrate depletion.
6.5.3 Water column As(V) reduction vs. As(III) remobilization
The accumulation of As(III) during fall 1999 appears to occur due to both sediment
remobilization of As(III) and water-column reduction of As(V), as discussed in Section 6.4.3.
The control-volume average As(V) reduction rate from 11/18/99 to 12/9/99 [(13.3. moles
reduced)/(0.28x10 9 L)/(21 days) - 2 nM d- or 0.03 d-] is more than a factor of 10 greater than
can be explained through abiotic As(V) reduction by sulfide from recent estimates by Newman et
al. (1997) in prepared media [~ 0.06 nM d' or 0.0006 d 1 for S(-II)= 25 pM and As(V) = 100
nM at T- 25"C] and Peterson and Carpenter (1983) (0.06 nM d-1) in field samples. However, the
estimated UML rates are comparable to the low-end of biologically mediated reduction rates
recently determined in Mono Lake [0.02 - 0.2 d-; Oremland et al., 2000]. The Mono Lake rates
were measured in low-spiked, radio-labeled samples (73 As) at -1 VC and therefore approximated
in situ conditions. Natural As(V) levels are considerably higher (1-200 pM) in Mono Lake than
in UML and dissimilatory As(V) reduction accounted for a substantial portion of organic matter
mineralization in that system. In Chapter 4, we estimated that significant Fe(III) reduction
occurred in the UML water column during this time period, perhaps suggesting that Fe(III) was
the dominant electron acceptor (no sulfide in the water column). It therefore seems reasonable to
suggest that biologically-mediated, dissimilatory Fe(III) reduction with coupled As(V) reduction
(e.g. after Ahmann et al., 1998) was an important process occurring in the water column of
UML. In addition, a dissimilatory As(V) and sulfate reducing bacterium has been isolated from
UML hypolimnetic sediments (Newman et al., 1997). This organism reduces arsenate before
sulfate, consistent with our observations of unmeasurable sulfide in the water column during the
in-growth of As(III).
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6.6 As redox chemistry - thermodynamic predictions vs. "observed"
6.6.1 Background
Scientific concern over arsenic redox chemistry in the environment arises from the differing
toxicities and affinities for particle surfaces of arsenate and arsenite. Numerous studies have
suggested that As redox chemistry departs from thermodynamic equilibrium predictions, with
As(V) present in levels higher than expected under reducing conditions and excess As(III) found
in oxidizing systems. Before interpreting 1997-1999 As redox chemistry in UML, it is helpful to
first look critically at the framework for interpreting As redox chemistry. The following
discussion builds on the SCM and mass balance models discussed above. While quantitative
arguments are used to make qualitative points in Section 6.6.2, because of the uncertainties in the
mass balance and SCM models, we are not attempting to argue that strict quantitative
interpretation is valid - just that the ideas are worth considering.
The oxidizing or reducing conditions of environmental systems are often characterized
through the system pe,
(3) pe =-log{e~} ,
which provides a conceptual estimate of electron availability (Stumm and Morgan, 1996). An
oxidizing system has a high pe (e.g. pe = 13, {e~} = 10-1 equiv, for oxygen-rich waters), and
reduced compounds introduced into such a system will have the thermodynamic tendency
(although not necessarily the kinetic tendency) to give away electrons and become oxidized. In
low pe systems (e.g. pe = -2 to -3 for a typical sulfate reducing system), oxidized compounds
introduced into the system will tend to accept "excess" electrons and become reduced. The
electron activity, { e~}, is defined by the dominant redox couple in a system. For example in a
system characterized by dissimilatory Fe(III) reduction, the Fe(OH) 3am/Fe 2+ half-reaction would
define the pe:
(4) Fe(OH) 3(am) + 3 H' + e- = Fe2+ + 3 H20 pe* = log K = +16.0
(5) pe = 16.0 - log [Fe2+] - 3 pH
At thermodynamic equilibrium, other redox sensitive elements in the system should respond to
the dominant pe, in a manner analogous to multiple acid-base pairs responding to a single pH = -
log{H+} of a system. For a given redox active compound, the system pe (at a given pH) dictates
the equilibrium ratio of reduced to oxidized species. For arsenic, the ratio of As(III)/As(V)
(notated throughout this section as ('/v) ) is calculated from its redox half-reaction:
206
(6) '/2 H2 AsO4 + 3/2 H+ + e-= 1/2 H3AsO3 + 1/2 H2 0
(*There is some discrepancy in the literature. Sadiq (1991) uses logK = 10.84, while Seyler and Martin (1989) use
logK = 11.02. Peterson and Carpenter (1983) use a value of +11.95. For subsequent calculations, a value of 10.84
was used)
At circumneutral pH (where H2AsO4 and HAsO 42- dominate), (" 1/'vthermo is calculated as a
function of pH and pe:
(7) ('"/V)therno = [H3AsO3]aq/[As(V)tota]aq = exp 2 * peo - 3 pH - 2 pe - log(lO-6. 96/10-pH + 1
where [As(V)totallaq = [H2AsO4]aq + [HAsO422-aq (the value of 6.96 appears in the
expression because it is the pKa for the H2AsO41 and HAsO 42 acid/base reaction; Table 1)
Biological mediation is often responsible for establishing the system pe (Morel and Hering,
1993). Bacteria may additionally mediate the redox reactions of non-dominant redox couples,
e.g. oxidizing As(III) using oxygen as the terminal electron acceptor (Wilkie and Hering, 1999),
a reaction whose abiotic kinetics are typically slow (Scudlark and Johnson, 1982). In systems
with biologically determined pe's, the pe can vary with time, since the bacterially mediated
reactions may alter the relative concentrations of oxidants and reductants (e.g. continually
reducing Fe(III) to Fe2+ or reducing sulfate to sulfide).
A thermodynamic equilibrium framework may be appropriate for explaining As redox
chemistry in a closed system, i.e. a control volume having no import or export of As(III) or
As(V). In such a system, finding either As(III) or As(V) in excess of thermodynamic predictions
would be informative, indicating that the kinetics of redox reactions are slow relative to the rate
of change in redox conditions in the system, or perhaps due to differential complexation of
dissolved As(III) and As(V).
However, a volume of hypolimnetic lake water is more accurately characterized as an open
system. Oxidized and reduced species of various redox couples are continually transported into
the control volume across boundaries with adjacent water and sediment volumes that, because of
sharp gradients, may experience dramatically different redox conditions than the control volume
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pe' = log K = + 10. 84-11.02*
under consideration. Arsenic arrives in a control volume via remobilization from the sediment,
diffusion from adjacent water volumes, or by settling of sorbed As. These sources may transport
both As(V) and As(III). For arsenic redox chemistry to remain at thermodynamic equilibrium
with the dominant redox couple in the control volume, rates of As(V) reduction or As(III)
oxidation must be faster than their transport rates into the control volume.
Therefore a steady-state approach to interpreting As redox chemistry may be more
appropriate than considering thermodynamic equilibrium. The literature provides brief treatment
of the idea that As redox chemistry may be better defined through steady-state assumptions as
opposed to thermodynamic predictions (Seyler and Martin, 1989; Peterson and Carpenter, 1983;
Cullen and Reimer, 1989 and references cited therein). Therefore, a discussion of this concept
and its implications for interpreting As redox chemistry are appropriate here.
In an open system, the rates of As redox reactions must be compared to the rate of As
transport into the control volume. For example, the presence of higher than expected
concentrations of one As redox state does not necessarily imply "slow" kinetics or persistence of
that compound; rather, it merely indicates that transport rates may be faster than redox reaction
rates. By this logic, coupling estimates of arsenic transport rates with comparisons between
thermodynamically predicted ratios ( (1"/v)thermo ) and observed ratios ( ("I/v)obs) may enable
insights into remobilization and redox-transformation mechanisms operating within an open
system by indicating the direction in which redox chemistry should be shifting. For example, in
an open system with either As(III) or As(V) transport across the control volume boundaries,
agreement between (11 /v)thermo and (1/v)obs would argue that redox transformations rates are
faster than the rate(s) of transport. Higher than expected levels of either As(III) or As(V) imply
that transport rates may be faster than reaction rates. Further, if "excess" As(III) or As(V)
concentrations remain relatively constant, that concentration may be interpreted as the steady-
state concentration, resulting from a balance of source and sink terms. Knowing the direction in
which arsenic redox chemistry should be moving, Table 3 Equation 1 or 2 could be used, as in
Section 6.5.1, to estimate the oxidation or reduction rate.
Determining (I/v)obs is not straightforward, because the free aqueous concentrations of
As(III) and As(V) are required for direct comparison with thermodynamic ratios.
Sorbed/particle-complexed As appears to dominate As chemistry in the UML hypolimnion
during nitrate-rich periods at depths/times of significant Fe and As remobilization. As noted in
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Section 6.3, moderate levels of Fe(III)-oxides (50 - 100 pM) can sorb more than 99% of total
As(V), maintaining As(V)aqueous at subnanomolar levels. Under the same conditions, 50-75% of
arsenite is complexed by Fe(III)-oxide surface sites. Typical methods (e.g. filtration followed by
hydride generation) for measuring As(III) and As(V) would be unable to accurately distinguish
subnanomolar As(V)aq from 2-10 nM As(III)aq. For this reason, the SCM outputs of As(III)aq
and As(V)aq (Section 6.2.2) perhaps offer the best estimates of aqueous concentrations.
In order to compare thermodynamically-predicted and observed As redox chemistry, it was
therefore necessary to calculate ("'/v)scm and substitute this ratio for (I/v)obs. SCM is subject to
its own set of assumptions and uncertainties as previously mentioned; therefore strict quantitative
interpretations are not valid. However, qualitative to semi-quantitative interpretations can be
made. Uncertainty estimates associated with (../v)scm and (II/v)obs are discussed in Section
6.6.3.
6.6.2 Comparison of ( 1 /v)scM vS. ( ../V therno
Throughout 1997 and 1999, (1"/v)scM was calculated for multiple depths and dates using
model estimates obtained in Section 6.3. The greatest certainty can be placed in SCM ratios
obtained from below 20 m in 1997 and deeper than 19 m in 1999, considering that the majority
of Fe and As at these depths resulted from sediment remobilization, and therefore equilibrium
sorption of As on amorphous Fe(III)-oxides may be a reasonable assumption.
Measured Fe(II) concentrations (Figure 4 B and F) and pH (see Appendix) were used in
Equations 5 and 7 to calculate (II/V)thermo, assuming Fe(OH) 3am/Fe 2+ was the dominant redox
couple in the UML hypolimnion. For depths where pH values were not available, interpolated or
extrapolated values were determined from relevant field data. To test the accuracy of assuming
that Fe(OH) 3am/Fe2 , was the dominant redox couple during Fe(II)-rich periods in the water
column, Figure 15 compares depth profiles of platinum electrode potential (PEP) measurements
(an indicator of redox conditions, units of mV) during 1999 against the Eh (also in mV) predicted
for the measured concentrations of Fe2+ (Eh = 59 mV * pe, at 25"C; Morel and Hering, 1993).
PEP is most useful in two situations:
" distinguishing between oxidizing (e.g. oxygen) vs. reducing (e.g. Fe(III) or S042-) conditions;
and
" distinguishing the degree to which conditions are reducing (e.g. Fe(III) reducing conditions
vs. S04 reducing conditions).
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Under oxic conditions or nitrate-rich conditions, PEP is not particularly accurate at predicting the
thermodynamically predicted Eh value. However, the platinum electrode responds to the
appearance of Fe(II) in the UML water colunm with a pronounced slope in PEP beginning at the
depth of significant levels of Fe(II) (Figure 15). The PEP gradient is negligible above the
elevated Fe(II) zone.
Eh exhibits a slight gradient at all depths during nitrate-rich periods. The gradual Eh slope is
due primarily to slight increases in measured Fe(II) (1-3 micromolar per meter) with depth, and
to a lesser degree to a gradual increase in pH with depth. A steeper Eh gradient is calculated
within depth ranges of elevated Fe(II), similar to PEP.
The PEP reasonably approximates Eh (within a factor of -2-3) at depths of elevated Fe(II)
(11/18/99 and 12/9/99; no data below 21 m on 10/29/99). From work in other systems, we know
that this particular probe responds to sulfidic conditions by giving negative PEP values (e.g. Spy
Pond; in preparation). For this reason, we are confident that choosing Fe(OH)3am/Fe 2 + as the
dominant redox couple during periods of high Fe(II) - as opposed to assuming the H2 S/S0 42
redox couple - is accurate. The Fe(OH) 3am/Fe 2+ redox couple was also used to calculate pe
during nitrate-rich periods for consistency and ease of comparison between days, as well as to
eliminate uncertainty as to when switching from N0 31N 2 to Fe(OH) 3am/Fe2 + was necessary (e.g.
on 9/16/99 when both nitrate and Fe(II) are small). While this assumption causes us to predict a
low pe and a correspondingly high ("1 /v)thermo relative to that which would be predicted using the
N03-/N2 couple, we argue that this is in fact a conservative assumption for UML, since ("I/v)scM
greatly exceeds the Fe(II)-calculated (1"/v)thermo during nitrate-rich periods (discussed below).
Figures 16 and 17 present (111/v)scM and ("1 /v)thermo for representative dates in 1997 and 1999.
Dates/depths characterized by nitrate-rich conditions, and therefore having low Fe(II) and low
As(III), all have profiles of (I/v)scm that exceed (11/v)thermo by 2 to 3 orders of magnitude (all
depths on 7/30/97, 8/27/97, 11/18/97, 8/4/99, 9/16/99; and 19-21 m on 10/29/99, 19 and 20 m on
11/18/99 and 12/9/99). Unlike other anoxic hypolimnetic systems in which an "excess" of
As(V) has been suggested, our results suggest that, during nitrate-rich periods, As(III) was
present at levels higher than thermodynamic predictions.
The thermodynamic underprediction of ("'/v)scM during nitrate-rich periods is consistent with
the previous assertion that remobilized As(III) was being oxidized by nitrate or another oxidant
in the water column. "Excess" As(III) suggests that arsenic redox chemistry should shift toward
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lower levels of As(III), i.e. As(III) oxidation. However, when the 21-24 m c.v. is modeled as an
open system, the excess As(III) does not necessarily indicate slow kinetics: oxidation may be
occurring at rates of 0.2 to 0.7 d-, as discussed in Section 6.5.1, non-trivial rates at T = 5C.
When the hypolimnion is viewed in a steady-state framework, these oxidation rates simply off-
set the flux of As(III) from the sediments.
It was not until the onset of nitrate depletion in 1999, and the concomitant shift in iron and
arsenic redox chemistry, that ("'/v)scm and ("'/V)thermo converge to within a factor of 10 to 100
(Figure 17 C-E). Between 10/29/99 and 11/18/99, mass balance estimates indicate that active
Fe(III) and As(V) reduction were occurring in the water column, and that As(III) and Fe(II) were
being released from the sediments in the bottom 3 meters of the lake. However, even during this
period, ("'/v)scm continued to exceed ("'/v)thermo over the depths of 21 to 24 meters, the majority
of ratios differing by a factor of 6 to 100 (the two deepest samples on 11/18/99 differed by only a
factor of 2 to 5). Only after Fe(III)caic was completely depleted from the bottom waters did
"excess" As(III) become apparent (12/9/99, 22 m and below).
Figure 18 compiles the ("I/v) estimates from 1997 and 1999, and highlights the degree to
which (I"/v)scm exceeds (I/V)thermo. In most instances, the ratios differ by a factor of 100 to
greater than 1000. Again, while we do not assert that the above comparisons are quantitatively
accurate, they demonstrate the importance of considering truly aqueous As(III) and As(V) when
interpreting As redox chemistry. The magnitude of the differences between ("'/v)scm and
("'/V)therno attests to the potential importance of considering As complexation by particles in all
interpretations of As redox chemistry, as suggested by Trowbridge (1995). Trowbridge (1995)
argued that As(V) complexation by Fe(III)-oxides could explain some of the apparent
thermodynamic disequilibrium observed in UML during 1994. That treatment included an
analogous effort at comparing predicted and observed As redox chemistry after including As(V)
sorption (although not As(III)). Unlike the above observations for ("I/v)scm vs. ( 1 /V)thermo in
1997 and 1999, Trowbridge (1995) found that observed and thermodynamically predicted As
chemistry were comparable after correcting for As(V) sorption. However, nitrate and Fe(II)
measurements were not made during 1994, and with the current understanding of nitrate's
importance and persistence throughout fall anoxia in UML, it appears as though the pe (-0.6,
constant with depth and time) assumed by Trowbridge (1995) was too low for some of the dates
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in the anoxic hypolimnion, explaining the difference in interpretations between that study and the
current study.
6.6.3 Uncertainty in ('"/v)scM and ('/V)therno Comparisons
Estimates of the sensitivity of ("'/v)scm predictions to the known uncertainties in the SCM
inputs are summarized in Table 6. Based on these sensitivity estimates, the maximum
quantifiable uncertainty is a factor of 4 increase or decrease in ("'/v)scm, based on the 95%
confidence interval estimates of the intrinsic equilibrium constants for As(V) sorption (see
Dzombak and Morel, 1990 for more detail). The partial temperature corrections discussed in
Section 6.3.3 increased ("I/v)scm by only a factor of 1.2; the simultaneous increases in As(III)aq
and As(V)aq nearly offset one another.
A difficult-to-quantify uncertainty associated with the ("'I/v)scm estimates is the presence of
phosphate. Elevated phosphate could create significant differences between ("'1V)obs and
("'/v)scm (which were calculated without considering P0 43 ). To test the sensitivity of our
interpretations to phosphate, ("1/v)scM was recalculated throughout 1999 for total phosphate of 5
and 10 pM (Figure 19). For those dates/depths where nitrate was present, even 10 PM P043~ can
not explain the large difference between ("'/v)scM and ("/V)thermo. However, 5 and 10 PM PO43-
displace enough As(V) (relative to As(III)) at the nitrate depleted depths to shift our
interpretations on 10/29/99 and 11/18/99. When phosphate competition is considered, "excess"
As(III) (with respect to thermodynamic predictions) is observed below 22m on these dates.
Complexation of phosphate by Mn 2 , however, would tend to minimize the affect of phosphate
on ("'/v)scM (as discussed in Section 6.3.3).
An additional, difficult-to-quantify uncertainty is the affect of dissolved organic carbon
(DOC) on As sorption. Dzombak and Morel (1990) state that equilibrium constants derived for
As sorption on HFO should be applicable under all conditions, except in systems having
significant amounts of DOC. The authors note that "the sorption constants will be useful in
predicting sorption (at least) in the many systems that have low DOC relative to oxide solids on a
mass basis." Because the affects of DOC on HFO surfaces are not clearly understood (let alone
quantifiable), it is not possible to accurate incorporate DOC into our model using our data set.
No dissolved organic carbon data are available for UML. However the good agreement between
SCM-predicted sorption and measured particle-complexed As (Section 6.3.2 this chapter, and
Chapter 2) argue that the effects of DOC may be unimportant in this system.
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("'I/)thermo is highly sensitive to pH, both in the calculation of the system pe and in the
subsequent calculation of (II/V)thermo. The error bars for ("I/V)thermo in Figure 16 and 17
correspond to the factor of 5 variability that arises from the modest uncertainty in pH (±0.2).
In addition, the influence of temperature can be a source of uncertainty in our estimates of
(" 1 /'vthermo. Values for the enthalpy change of reaction (AH) are required in order to perform
temperature corrections of the equilibrium constants of relevant reactions. AH0 values in the
MINEQL' database and from Stumm and Morgan (1996) were used, where available, to perform
temperature corrections. Temperature corrections will affect:
i. the estimation of Fe3+ solubility with respect to Fe'"(OH) 3 am, which is necessary for
calculating pe (AH 0 data not available).
ii. the estimation of the system pe based on Fe3+/Fe2+ redox couple (AH" data available).
iii. As(III) and As(V) acidity constants (AH data available); and
iv. log K of the As(III)/As(V) redox couple used to calculate ("/V)thermo (AH data available).
Because estimates for the AH of correction i were unavailable, it was not possible to
completely estimate the sensitivity of pe to temperature. However, performing correction ii, we
find that a shift in temperature from T = 25"C to T = 5"C causes a factor of 11 decrease in
("'r)thermo, further widening the gap between (I"/V)thermo and ('11/v)scM. Only considering
corrections iii and iv, (1 I/V)thermo at T = 5oC is a factor of 33 greater than ("/v)thermo at T=250C for
a given pe. This has the affect of shifting the estimates of ( 111/v)thermo closer to ("'/v)scM.
Therefore, based on this incomplete set of temperature corrections, it appears that net
temperature affect on (1,1/v)thermo can explain only a small portion (a factor of -3) of the estimated
difference between ("'/V)thermo and ('1 /v)scM. It is necessary to stress, however, the unreliability
of these corrections due to their incomplete nature.
In addition, assumptions about the dominant redox couple in the system (which determines
the system pe) will influence ("I/V)thermo. For example, if redox conditions were actually poised
by the H2S/S0 4 2 redox couple, even low levels sulfide would give much greater (I/v)thermo
predictions (for 1 pM sulfide, pH = 6.8, ("1 /v)thermo - 107) than predictions based on high levels of
Fe(II) (maximum ("I/v)thermo - 102 for this system). However, as discussed above, the general
agreement between PEP and Fe(II)/Fe(OH) 3 am-poised Eh estimates, along with the absence of
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measurable sulfide, suggest that our assumption of an Fe(II)/ Fe(OH)3 am-poised system is more
accurate than assuming a H2S/SO4 2 -poised system.
7. Conclusions - Nitrate's control of As cycling
In agreement with observations in other systems [Aggett and Kriegman, 1985; Aggett and
O'Brien, 1985; Sohrin et al., 1997], oxygen plays an important role in As cycling in UML, with
the onset of anoxia triggering As and Fe remobilization. However, nitrate apparently exercises
dominant, although in part indirect, control over the cycling of arsenic as it accumulates in the
water column. A large hypolimnetic nitrate budget provides a lengthy intermediate period, after
the onset of anoxia but before the hypolimnion can be defined as reducing in the classical sense,
i.e. Fe(III)-reducing, S0 4 2-reducing, As(V)-reducing, as evidenced by the persistence of these
compounds in their oxidized forms. Irrespective of the actual mechanisms, the impact is clear:
multiple lines of evidence indicate that nitrate's ability to maintain remobilized iron and arsenic
predominantly in their oxidized forms enabled over 85% of remobilized As to accumulate in the
sorbed phase during anoxic, nitrate-rich periods. Previous conceptual models and supporting
field studies of arsenic cycling in lakes highlight the importance of Fe [Aggett and O'Brien,
1985; Cullen and Reimer, 1989; Ferguson and Gavis, 1972; Trowbridge, 1995; Spliethoff et al.,
1995]. However, the degree of As complexation by Fe(III)-oxides in the water column has not
been previously quantified. In UML, we find that Fe(III)-oxides are not merely important to As
cycling - measurements and model predictions indicate that sorption, in fact, dominates
remobilized As chemistry when nitrate is present. Nitrate appears to aid in minimizing net As
remobilization, with settling of particle-complexed As potentially reducing net As remobilization
by -40%.
The observations in UML, combined with observations in other systems, argue for an
additional layer to the conceptual model for As cycling in lake hypolimnia having high levels of
N-pollution (Figure 20). This proposed model is consistent with observations in other systems
and is able to consistently explain the previously unpredictable As redox chemistry and cycling
in UML. As has been suggested and observed by others, Fe(II) and predominantly As(III)
accumulate in the pore waters of reducing sediments. When overlain by an oxic water column, a
sufficiently thick oxidizing layer in the sediments traps upward diffusing As(III), As(V), and
Fe(II) through oxidation and sorption (Figure 20A). The onset of anoxia in the water column
results in the oxidizing sediment layer's disappearance, triggering the release of Fe(II), As(III),
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and some As(V) from the sediments (Figure 20B). Analogous to oxygen, nitrate may diffuse
into the sediments some distance and oxidize a portion of upward diffusing As(III) and Fe(II).
However the kinetics of this reaction may be too slow (relative to the thickness of the layer) to
preclude the release of significant amounts of Fe(II) and As(III).
Nitrate indirectly and directly impacts As cycling in the water column. Nitrate oxidizes
remobilized Fe(II) in the water column, thus directly controlling the cycling of Fe (Chapters 4
and 5), and indirectly controlling As chemistry by creating the surfaces onto which both As(V)
and As(III) sorb. At a minimum, nitrate's presence allows for arsenate's persistence in the water
column, perhaps through acting as a higher energy-yielding electron acceptor. In addition, there
is indirect evidence to argue that remobilized As(III) may be oxidized by nitrate, allowing
arsenate's accumulation in the water column during nitrate-rich periods. Fe(III)-oxides scavenge
As(III) and As(V) from solution, and aggregation and settling remove Fe and As from the water
column, thereby minimizing net As remobilization. Once nitrate is depleted from the water
column, As(III) and Fe(II) are remobilized from the sediments without their subsequent
oxidation (Figure 20C). In addition, water-column reduction of Fe(III) and As(V) occur,
resulting in additional sources of As(III) and Fe(II).
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Table 1 Arsenite and arsenate acid-base chemistry
Relevant inorganic arsenic acid-base chemistry pKa
HAsO 32  = AsO 33- + H' 13.4
As(III) H2AsO 3  = HAsO 3 2 - + H+ 12.1
H3AsO 3  = H2AsO 3- + H 9.29
HAsO 42 - = AsO 43- + H+ 11.5
As(V) H2AsO4~ = HAsO 42- + H+ 6.96
H3AsO 4 = H2AsO 4~ + H+ 2.24
Thermodynamics of As(III) oxidation
AGO
(kJ molI")
/2 H3AsO 3 + '/4 0 2(g) 4 '/2 H2AsO4 + '/2 H -56.7
/2 H3AsO 3 + '/5 NO 3  I2 H2AsO 4 + 1/10 N2(g) + 
3/10 HI + 1/10 H20 -58.4
/2 H3AsO3 + 1/5 MnO 2 s) + '/2 H 4 /2 H2AsO4 + 1/2 Mn2+ + '/2 H 2 0 -56.9
/2 H3AsO3 + Fe(OH)3(am) + 3/2 W 4 '/2 H2AsO4 + 3/2 H20 -29.6
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Table 2
Table 3A As(I) and As(V) mass transport equations
a) accumulation b) aggregation/settling out
particulate As(III) transport
c) aggregation/settling in
Ve, A [As(II)total cv = - Veff-* [As(II)pat] 2 2 .5m - A 2 1m * At + Veff * [As(II)pu ]21m - A21m - At
d) diffusion out
K - d[As()] A t
dz 221m
d[As(flI)aq]
- K' ____d[sI - A A t - k [As(III)toa] . At + k'red - [As(V)tOtaj] * V.,. - At + Ased - (As(III) sed. flux) - At
dz
21m
e) AS(III)aq diffusion out f) redox transformations g) As(III) remobilization
particulate As(V) transport
a) accumulation b) aggregation/settling out c) aggregation/settling in
Vcv -A [As(V)ti lv = - vef - [As(V),,pa1]225m - A21m - At + veff [As(V)ar ]21m o A 21m - At
d) diffusion out
- d[As(V),a] A21mU At
dz 21m
d[As(V)aq]
-Kz - . A21m - At + k'oxid - [As(II)tOta] - Vcv - A t - k'red - [As(V)tota] - V, - A t + Aed - (As(V) sed. flux) - At
dz
21m
e) As(V)aq diffusion out f) redox transformations g) As(V) remobilization
Eqn 1
Eqn 2
Table 3B Estimates for mass balance model transport terms
(See Chapter 4 for more detailed discussion)
An effective settling velocity, vrf, was applied to the particle-associated As(III) and As(V) fractions to
estimate their respective settling fluxes. The effective settling rate of the sorbed fraction of arsenic should
be the same as the settling rate of its primary sorbent (Honeyman and Santschi, 1991). Because As(Ill) and
v,= 2 1  As(V) are assumed to be primarily complexed by Fe(II)-oxides, the vff determined in Chapter 4 for0.024 m d Fe(IlI)-oxides (vff = 0.024 m d-1; based on sediment-trap flux estimates) was also used to estimate As
settling flux. As a check, vef was calculated using As sediment trap fluxes (Figure 14) following the
method described in Chapter 4. The calculated v. 's for arsenic settling fluxes using the 18 and 21 m
sediment traps were 0.023 and 0.027 m d*', respectively.
K, was estimated by the flux gradient method (Benoit and Hemond, 1996). This method uses measured
temperature gradients at a given depth, and the change in heat storage below that depth, to calculate the
turbulent diffusion coefficient necessary to explain the total heat flux. K, was estimated at 18 m because
K= 0.02 cm2 s-1 extremely slight gradients at 21 m (-0.01 "C m-1) made accurate estimation of K. at this depth impossible.
An average value of 0.025 ± 0.006 cm 2 s4 was obtained over three years of estimates at l8m. This value
was considered a reasonable estimate for K, at 21 m. To be conservative, K" = 0.02 cm 2 s"' was used for all
calculations.
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Table 4A Arsenic mass balance estimates - 1997
7/30/97 - 8/27/97 - 10/22/97 -
process 8/27/97 10/22/97 11/18/97
As(V) (moles)
a A As(V) 11.9 2.5 -2.2
b As(V)part settling out 11.3 37.0 17.5
c As(V)part settling in 3.8 26.3 15.0
d As(V)part turb. diffusion 8.0 16.8 3.7flux out
e As(V)aq flux out -0 -0 -0
f Total As(V) productionr 27.4 30.0 4.0
As(III) (moles)
g A As(III) N/A -1.6 0.6
h AS(III)part settling out 0.5 1.1 0.4
j As(III)part settling in 0.4 0.9 0.3
As(III)part turb. diffussion 0.4 0.8 
-0flux out
k As(III)aq flux out -0 -0 -0
1 Total As(III) productioni 0.5 -0.6 0.7
Total As remoblization
(ftro1 Mn2 d.) 8.3 4.4 1.5
fRow f = (row a) + (row b) - (row c) + (row d) + (row e)
'Row 1= (row g) + (row h) -(row i) + (rowj) + (row k)
*Total As remobilization = { (row f) + (row 1) } / (A 2im - At)
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Arsenic mass balance estimates - 1999
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8/4/99 - 9/16/99- 10/29/99- 11/18/99-process 9/16/99 10/29/99 11/18/99 12/9/99
As(V) (moles)
a A As(V) -2.8 -3.2 -4.7 -8.9
b As(V)part settling out 37.6 32.0 11.9 5.3
C As(V)pait settling in 22.3 27.3 11.6 9.5
d As(V)pait turb. diffussion 22.6 14.9 3.0 -6.0flux out
e As(V)aqflux out - 0 -0 -0 6.0
Total As(V) production
f (negative = 35.1 16.4 -1.4 -13.1
net As(V) reduction)
As(III) (moles)
g A As(III) 0.7 6.7 10 18
h As(III)part settling out 1.1 3.8 1.9 1.0
1 As(III)pat settling in 0.8 1.1 2.4 2.6
As(III)pa turb. diffussion 0.4 2.4 4.6 0.7flux out
k As(III)aq flux out -0 1.9 2.4 16.2
1 Total As(HI) production 1.4 13.7 16.5 33.3
Total As remoblization
(jMol M-2 d-1) 7.0 5.8 6.3 7.6
Table 4B
Table 5 Calculated As(II) oxidation rates for time periods of As(V) accumulation
As(M) flux As(III) released to As(I) required
avg. (Pol 2 dl) water column production As(fII) oxidation k'oid (d-)dates As(lfl) (moles) (moles)
(nM) 100% 50% 100% 50% moles) 100% 50% 100% 50%
As(I) As(EIl) As(III) As(III) As(U1) As(III) As() As(im)
7/30/97- 5 8.3a 4 .2b 27.9c 13 .9d 0.5e 27.4' 13 .49 0 .7 h 0 .i
8/27/97-
8/2/97- 4 4.4 2.2 29.6 14.8 -0.6 30.2 15.4 0.5 0.2
1//97
9/16/99 6 7.0 3.5 36.1 18.1 1.4 34.7 16.7 0.5 0.2
a,bObtained by assuming 100% and 50%, respectively, of the calculated As flux (Table 4A & B) was As(M).c,dCalculated using either 100% or 50% As(llJ) flux. Mass = sediment flux - 0.12x10 6 m2 At
Trom Table 4A&B row 1
'EReq'd As(lf) oxidation = As(II) released - As(I) production. (because "As(M) production" is the amount of
As(II) that accumulated in the 21-24 m c.v. + As(III) transported out of 21-24 m c.v.h. k'0 ,xid {(As(II) release) - (As(M) production)} / (Ve. - At - [As(III)]
*The estimated small sediment flux between 10/22/97 and 11/18/97 makes the accuracy of these estimates highly
uncertain.
L~Q
Table 6 Sensitivity of ("'/v)scm to uncertainty in input
parameters
uncertainty Effect of uncertainty on
parameter considered for predicted predicted As redox
changed varied input III/V ch itry
parameter (II)Aa
none -
initial cond.
+10% 35 1.05
Fe(III)
- 10% 32 0.95
+10% 31 0.90
As(V)c
- 10% 38 1.12
+50% 51 1.50
As(III)c
- 50% 17 0.50
+0.2 27 0.80
pH 
-0.2 36 1.08
T AT = -20C 41 1.20
+66% 21 0.63
- 66% 83 2.45
+66% 33 0.99
Na+ and CY
-66% 34 1.02
+95% 125 3.71
K conf. interval
-95% 9 0.27
conf. interval
+95% 27 0.81
conf. interval
K-95% 41 1.21
conf. interval
aRatio of (III/V after changing single parameter) to (HI/V at average conditions)
bAverage conditions (i.e. "initial conditions") used for this set of modeling runs was:
[Fe(III)]=40 pM, pH=6.7, T=25"C, [S042] = 200 pM, [Na ] = 3 mM, [Cli- = 3 mM, Kv and
K11 are the intrinsic sorption constants for As(V) and As(III), respectively. 95%
confidence-interval-estimates are available for these modeled sorption constants (see
Dzombak and Morel (1991) and Chapter 2 for more for more discussion).
4Because As(HI) and As(V) are small in UML relative to HFO surface sites, the actual
As(III) and As(V) values used for determining aqueous III/V ratios are unimportant.
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FIGURES Chapter 6
Figure 1 Bathymetric map of UML
Figure 2 A) Depth vs. Temperature - 1997. B) Depth vs. Dissolved Oxygen - 1997
Figure 3 Depth profiles of total As (A 1997; B 1998; C 1999) and As(III) (D 1997; E 1998;
F 1999). All As(III) measurements conducted on unfiltered samples except
11/19/98.
Figure 4 Hypolimnetic iron chemistry: A) 1997 total Fe; B) 1997 Fe(II) - Vacuvial; C)
1998 total Fe; D) 1998 Fe(II) - Vacuvial; E) 1999 total Fe; F) 1999 Fe(II)
unfiltered ferrozine for most dates; G) 1997 Fe(II)cac; H) 1998 Fe(III)calc; ) 1999
Fe(III)cac - NOTE: for bottom three depths of 12/9/99 Fe(III)calc, [Fe(II)measured]>
[total Fe], so [Fe(III)caic] = 0 assigned.
Figure 5 Nitrate contours for A) 1997; B) 1998; and C) 1999. D) ammonium 1998.
Figure 6 Progression of nitrate, total As, and As(III) depth profiles in 1997
Figure 7 A) Sediment-normalized mass of Total As (mmol m2) vs. nitrate throughout
1997, 1998, and 1999. Each data point represents a depth-date pair of nitrate and
Fe(II) concentrations. B) Sediment-normalized mass of As(III) (mmol m 2 ) vs.
nitrate throughout 1997, 1998, and 1999. (NOTE: 1998 will be included, but not
included presently)
Figure 8 Schematic of equilibrium complexation of As(III) and As(V). Dissolved ligands
(if present) and sorption on various solids should dictate aqueous As(III)aq and
As(V)aq.
Figure 9 Modeled and measured As sorption at 22 m (and 15m on one date) during 1997.
Assorbed/meas = [total As] - [As<0.05 pm], as determined by in situ filtration. See
Chapter 2 for more details and additional data from 1996.
Figure 10 Total As vs Fe(III)calc during nitrate rich (A) and nitrate depleted (B) periods in
the water column in 1997, 1998, 1999.
Figure 11 SCM estimates of sorbed and aqueous As(III) and As(V) on selected dates in
1997. (note log scale)
Figure 12 SCM estimates of sorbed and aqueous As(III) and As(V) during 1999. (note log
scale)
Figure 13 A) Sketch of mass balance terms for the 21-24 m c.v. B) Masses of 02, total As,
As(III), NO3, total Fe, and Fe(II) in the 21-24 m c.v. during 1997.
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FIGURES (cont)
Figure 14 Sediment trap flux estimates for As, Fe, and Mn (traps exposed from 8/15/97 to
9/16/97)
Figure 15 Platinum electrode potential and Eh estimates during 1999.
Figure 16 Profiles of estimated (I/v)scM and (I"/V)thermo on selected dates in 1997
Figure 17 Profiles of estimated ("'I/v)scM and (I"/V)thermo during 1999
Figure 18 Comparison of ("1/v)scm and (I"/V)thermo during 1997 and 1999.
Figure 19 Profiles of estimated ("'Iv)scm and (I'/V)thermo during 1999 considering 0, 5, and 10
pM phosphate in SCM runs.
Figure 20 Conceptual model for arsenic cycling in N-polluted lakes. A) Oxic water column;
B) Anoxic/suboxic but nitrate-rich water column; C) anoxic and nitrate-depleted
water column.
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Chapter 7 Conclusions and future work
This dissertation aimed to address several key questions concerning As cycling in urban,
eutrophic Upper Mystic Lake (UML):
" What mechanism(s) is/are responsible for As(V) accumulation and persistence under anoxic
conditions in the hypolimnion?
" To what degree does Fe control the cycling of As in the water column?
" Under what conditions is water column As(V) replaced by As(III)?
" What causes interannual variability in As redox chemistry?
Our results indicate that nitrate controls Fe and As cycling in the hypolimnion of UML. In
doing so, nitrate assumes the role typically taken by oxygen in the cycling of redox-active
metal(loid)s. High nitrate and ammonium inputs, combined with authigenic nitrate production in
the water column (nitrification augmented the nitrate pool by 150% while consuming 40% of
hypolimnetic oxygen), result in several months per year of anoxic, yet nitrate-rich conditions in
the hypolimnion. The onset of anoxia triggers Fe and As remobilization from UML's sediments.
However, UML's large hypolimnetic nitrate budget provides a lengthy intermediate period in the
water column, after the onset of anoxia but before the hypolimnion can be defined as reducing in
the classical sense (e.g. Fe(II), As(V), S042 reducing). Despite anoxia, remobilized Fe and As
accumulate in the water column primarily in their oxidized forms (Fe(III)-oxides and As(V)).
Mass balance estimates indicate that nitrate is responsible for oxidizing the majority of the iron,
which must initially have been remobilized by reductive dissolution as Fe(II). Controlled
microcosm studies confirmed this reaction's feasibility: anaerobic, biologically mediated Fe(II)
oxidation occurred in nitrate-spiked microcosms with sample obtained from the UML sediment-
water interface. These experiments also indicated that abiotic oxidation of Fe(II) by nitrate is
probably unimportant in this system. Water-column microcosm experiments exhibited
biologically mediated Fe(II) oxidation kinetics that were capable of explaining the rates
estimated from field experiments (although additional work is required to assess the importance
of trace oxygen contamination in these experiments).
In addition to quantitative evidence (i.e. oxidant mass balances), Fe(II) oxidation by nitrate is
required to qualitatively explain Fe(III) accumulation patterns in the water column. During the
late summer and early fall, fast (relative to transport rates) oxidation of remobilized Fe(II) by
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nitrate throughout much of anoxia must be invoked to explain the shape of the Fe(III) depth
profiles. Fe(III) increased with depth, even below the anoxic-oxic boundary. No Fe(III) peak
appeared in the water column even after several months of anoxia, for as long as nitrate was
present. Appreciable shifts in Fe redox chemistry only occurred in the lake after nitrate
depletion. A distinct Fe(III) peak formed in the water column during one year at depths
coincident with the nitrate-rich/nitrate-depleted interface, analogous to the Fe(III) peak predicted
to form at the oxic-anoxic interface in systems in which nitrate is unimportant [Davison, 1993].
Shifts in As redox chemistry toward a predominance of As(III) was correlated temporally
and spatially with nitrate depletion. Nitrate's presence therefore appears to favor arsenic's
accumulation as particle-reactive As(V), either by directly oxidizing remobilized As(III) or
indirectly by serving as a more energy-rich electron acceptor and forestalling As(V) reduction to
As(III). During nitrate-rich periods, greater than 85% of remobilized arsenic was found to be
particle-complexed (deff > 0.05 [tm) at representative hypolimnetic depths by in situ filtration.
Surface complexation modeling of As on Fe(III)-oxides accurately predicts As distribution
between particle-complexed and dissolved phases. Thus, in the presence of nitrate, Fe(III)-
oxides appear to scavenge the vast majority of remobilized As. Through anaerobic production of
particulate Fe(III)-oxides, and by indirectly or directly causing As accumulation as particle-
reactive As(V), nitrate dominates remobilized As chemistry, and enables a continued As sink
from the water column (via settling) during a large portion of anoxic periods. Arsenic transport
modeling indicates that 40% of gross remobilized arsenic was removed from the water column
by settling during 1997. This argues that nitrate's ability to maintain remobilized iron and
arsenic predominantly in their oxidized forms may minimize net As remobilization.
The timing of nitrate depletion in the hypolimnion - and the concomitant shift toward As(III)
and Fe(II) dominance in the water column - appears capable of varying significantly (on the
order of months) year to year. This interannual variability in the timing of nitrate depletion may
explain previous observations of interannual variability in As redox chemistry in UML.
Our results demonstrate that nitrate can play a dominant role in the cycling of redox-sensitive
metal(loid)s in natural systems having substantial nitrogen pollution (e.g. urban and agricultural
systems). Observations in UML argue that the classical iron and arsenic cycling models require
additional conceptual layers - after the onset of anoxia - to accurately and consistently describe
iron and arsenic cycling in N-contaminated lakes. Because the iron cycle has the potential to
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dominate the chemistry of particle-reactive compounds in natural systems (some of which
themselves are non-redox active, e.g. P0 43-), nitrate may exercise indirect control over the
cycling of these substances as well.
Our results are the first to both argue quantitatively for the importance of Fe(II) oxidation by
nitrate at the lake scale and to confirm the feasibility of this reaction in controlled experiments.
Further, we demonstrate a previously undescribed link between two important environmental
pollutants, arsenic and nitrate. Others have suggested a link between nitrate and phosphate
remobilization in eutrophic lakes (Andersen, 1982; Cooke et al., 1993), but nitrate oxidation of
Fe(II) has not been previously suggested as a contributing mechanism.
The above observations have generated several ideas worthy of further consideration:
* Water column oxidation of Fe(II) by nitrate
The accumulation of Fe(III) in the water column of UML during anoxic, nitrate-rich periods
argues that Fe(II) oxidation by nitrate takes place in the water column. Abiotic Fe(II) oxidation
by nitrate is considered slow (Ottley et al, 1997; and we confirmed this in our system through the
killed controls in the sediment-water interface microcosms of Chapter 5). Only a few prior
studies have demonstrated the potential importance of bacteria in mediating the oxidation of
Fe(II) by nitrate (Straub et al, 1996; Benz et al, 1998). Those studies were conducted using
enrichment cultures and pure cultures; no prior studies have demonstrated that biologically
mediated Fe(II) oxidation can occur in the water column of lakes under conditions simulating
natural conditions (relatively low Fe(II) and nitrate concentrations, in situ temperature).
The sediment-water interface microcosms in Chapter 5 demonstrate that biologically-
mediated Fe(II) oxidation by nitrate can occur in UML. Further, the minimally-modified, water-
column microcosms provide clear evidence of biologically mediated Fe(II) oxidation under near
in situ conditions. The biologically mediated Fe(II) oxidation rates observed in the water-
column microcosm experiments are sufficient to explain the estimated in situ rates determined
through field mass balance estimates. However, our efforts at maintaining "natural" Fe(II) levels
may ultimately prohibit us from stating with certainty that nitrate was the oxidant in these
experiments: trace oxygen (a few micromolar) can not be entirely ruled out as a potential
oxidant. The evidence of biologically mediated Fe(II) oxidation in the water column - by nitrate
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or by oxygen - is alone significant, since it has been suggested but not been previously
demonstrated. Additional water-column microcosm experiments that guarantee the exclusion of
oxygen, and thereby provide clear evidence of coupled Fe(II)-oxidation/nitrate-reduction, would
be a significant finding.
* As(III) oxidation by nitrate
Our observations indicate that an important link exists between nitrate and As cycling in
UML. Nitrate appears to have a clear indirect impact on As cycling: nitrate oxidizes
remobilized Fe(II), and the resulting Fe(III)-oxides sorb remobilized As. However, our current
observations only allow us to speculate about a potential direct link between nitrate and arsenic.
The accumulation of remobilized arsenic primarily as As(V) in the UML water column during
nitrate-rich periods, followed by As(III) accumulation upon nitrate's depletion, suggests that
remobilized As(III) may have been oxidized by nitrate. This reaction is thermodynamically
favorable. However the literature contains no discussion of As(III) oxidation by nitrate, and
consequently no suggestion as to whether this reaction would proceed primarily through abiotic
or biologically mediated mechanisms under natural or semi-natural (i.e. polluted) conditions.
This question is of importance for fully understanding As cycling in UML and its answer may be
applicable in other similarly-polluted systems.
Performing an electron balance at the lake-scale on remobilized As(III) and possible oxidants
(as done for Fe in Chapter 4) would not further elucidate nitrate's role in the cycling of As for
two reasons:
i. As levels are too low to rule out trace amounts of thermodynamically favorable oxidants
other than nitrate; and
ii. It is possible for both As(III) and As(V) to be remobilized from sediments (as opposed to
primarily Fe(II)).
In order to better understand the nitrate-related mechanisms of As redox cycling, it is
necessary to investigate the processes occurring at the sediment-water interface and deeper in the
sediments. Two potential studies are:
i. Perform microcosm experiments (e.g. after Ahmann et al, 1998) with sediments from the
UML to investigate the form in which As is "remobilized" (As(III) or As(V)). After
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adding sediments to prepared media that simulates UML water, compare "remobilized"
As redox chemistry in nitrate-rich vs. nitrate-free microcosms.
ii. Using enrichment cultures or microcosms (like the sediment-water interface microcosms
in Chapter 5), test for As(III) oxidation by abiotic and biologically mediated As(III)
oxidation by nitrate. As(III) spikes may be necessary to guarantee that observed As(III)
oxidation is greater than what can be explained by trace oxygen (on an electron balance
basis).
* How will As cycling in UML be affected if the major sources of inorganic nitrogen are
eliminated?
Nitrate and ammonium are common pollutants whose sources should ideally be managed to
maintain acceptable levels in aquatic systems. Considering the demonstrated links between
nitrate and As cycling, managing inorganic nitrogen sources takes on additional meaning in an
arsenic-contaminated lake.
A "knee-jerk" answer to the above question is that greater net As remobilization will be
observed when nitrogen sources are eliminated. Eliminating or minimizing the sources of
inorganic nitrogen pollution to UML will result in little or no nitrate to oxidize remobilized
Fe(II). The post-nitrate observations in 1999 suggest that the accumulation of primarily Fe(II)
and As(III) - and therefore non-settling arsenic - will occur once oxygen is depleted in an N-free
lake. Without the removal of As by settling, one might expect an increased As accumulation in
the water column.
However, the "knee-jerk" answer may not be accurate. The net amounts of Fe and As
accumulation in the water column depend upon at least two factors:
i. the length of time during which conditions favorable for iron and arsenic remobilization
define the water column.
ii. the persistence of conditions that allow soluble Fe(II) and As(III) to remain in solution (i.e.
no precipitation).
Anoxic conditions in the hypolimnion initiate Fe and As remobilization; the timing of
anoxia's onset therefore dictates the number of months (prior to lake turnover) during which
significant Fe and As release may occur. It appears evident that reducing nitrogen pollution will
extend the length of the oxic period in the stratified hypolimnion of UML. Nitrification
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(oxidation of NH4 + to N0 3 ~) in the hypolimnion consumed as much as 40% of the oxygen
initially present in the UML hypolimnion. If the majority of NH4' inputs to the lake were
"cleaned-up", almost twice as much oxygen would be available in this system for oxidizing
organic matter. Therefore, the onset of anoxia - and the consequent release of As and Fe -
would be delayed, perhaps by a period on the time scale of months.
In addition, a "clean-up" of ammonium and nitrate sources would likely be accompanied by a
decrease in organic matter delivered to the lake's hypolimnion. A portion of the NH4' and NO3
loading result from combined sewer overflows that deliver raw sewage - and its high organic
carbon load - to the Aberjona River. Eliminating this N source would also eliminate its
accompanying organic carbon load. Fertilizer is another significant N source. The fertilizer-
derived phosphorous that likely accompanies the N in stormwater runoff contributes to
eutrophication. Eliminating this N source could simultaneously reduce eutrophication and
thereby further minimize organic flux to the hypolimnion. A decline in organic matter loading
should decrease oxygen consumption and further delay the time at which Fe and As
remobilization commence.
Even in the most extreme case - a substantial decrease in nitrate loading, a comparable
organic matter loading to the hypolimnion, and the onset of anoxia occurring at approximately
the same time (mid-July) - it is not obvious how significant the increase in net As remobilization
would be. Upon oxygen depletion, initial As levels in the water column might be elevated
relative to nitrate-rich years. However, there are high concentrations of sulfate (hundreds of
micromolar) in the UML hypolimnion. Sulfate reduction would occur shortly after anoxia's
onset, and the accumulation of sulfide in the water column would impact As chemistry.
Precipitation of FeAsS, FeS, and As 2S3 could return As and Fe to the sediments via settling,
which would reduce net remobilization. There is some evidence to suggest that this may occur
in UML. The highest As concentrations measured in UML were during October 1993
[Spliethoff et al, 1993], a year in which we now suspect early nitrate depletion (Chapter 6).
Approximately half of the arsenic was As(III) in the deepest water samples on this date, and
these elevated total arsenic and As(III) levels were temporally coincident with the appearance of
sulfide in the water column. However, total arsenic in the deepest waters decreased by more
than a factor of 2 over the next month.
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I. In situ water quality data for 1997, 1998, 1999
Temperature, dissolved oxygen, specific conductivity, pH and
ORP (oxidation-reduction potential; platinum electrode potential)
NOTE: pH and ORP probes performed improperly on certain days
(where noted)
4/5/97
T D.O. SpC pH ORP
depth (in) C Mg/l uS/cm mV
1 6.36 11.53 603 7.68 385
2 5.5 11.74 608 7.74 384
3 5.35 11.56 609 7.66 385
4 5.3 11.52 608 7.63 386
5.1 5.29 11.43 608 7.58 387
6.1 5.28 11.39 608 7.55 386
10.9 5.15 11.33 609 7.52 389
15 5.01 11.33 609 7.5 391
20 4.44 11.1 609 7.43 392
5/5/97
T D.O. SpC pH ORP
depth (in) C mg/i uS/cm mV
0 12.94 9.87 468 7.99 396
0.5 12.95 9.87 469 7.99 393
1 12.9 9.89 470 7.99 391
2 12.88 9.65 471 7.98 383
3 12.87 9.59 471 7.91 385
4 12.86 9.55 471 7.91 383
5 12.36 9.4 475 7.7 389
6 11.36 9.09 485 7.53 389
7 8.8 8.72 512 7.3 391
8 8 8.7 521 7.2 395
9 7.55 8.69 530 7.2 394
10 7.37 8.71 538 7.18 395
10 7.37 8.72 538 7.19 394
12 6.77 8.69 556 7.19 395
14.1 5.99 8.71 576 7.1 398
16 5.41 8.38 588 7.09 398
17.9 5.15 8.26 592 7.09 398
19.1 5.1 8.17 593 7.06 400
20 5.04 8.08 594 7.05 400
21.1 5.01 7.92 595 7.06 399
22.1 5 7.74 595 7.06 399
22.6 4.94 7.33 597 7.1 398
23 4.93 6.88 599 7.11 378
23.5 4.91 1.33 640 7.33 95
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5/21/97
T D.O. SpC pH ORP
depth (m) C mg/I uS/cm mV
0 14.93 9.54 499 7.89 276
0.4 14.91 9.52 499 7.91 274
1 14.83 9.54 499 7.92 275
2 14.68 9.53 502 7.94 274
4 14.36 9.46 502 7.81 281
5 13.66 9.05 508 7.63 286
6.1 13.14 8.94 509 7.45 293
7 11.02 8.16 524 7.23 297
8 8.64 8.2 555 7.03 304
9 7.61 8.38 567 6.96 308
10 7.23 8.45 575 6.98 306
11 6.93 8.77 584 6.99 306
13 6.48 8.73 597 6.96 307
15 5.72 8.11 616 6.9 308
16 5.5 8.04 621 6.94 305
17 5.32 8.02 624 6.93 305
18 5.21 7.51 628 6.93 305
19 5.09 6.78 631 6.95 302
20 5.07 6.34 632 6.94 302
20.9 5.07 6.29 632 6.94 302
22.1 5.06 6.11 633 6.93 301
23.6 5.04 5.06 636 6.96 298
6/4/97
T D.O. SpC pH ORP
depth (m) C mg/l uS/cm mV
0 18.03 9.94 469 8.21 285
1.3 17.98 9.98 469 8.3 279
3 17.66 10.02 469 8.24 282
5 14.76 9.07 470 7.53 300
7 11.85 7.35 498 7.18 310
9 8.18 8.02 541 7.05 312
11 7.15 8.02 559 7.01 312
14 6.15 7.68 584 6.96 313
16 5.58 7.19 598 6.93 313
18 5.26 6.32 605 6.92 313
19 5.2 5.77 607 6.94 312
20 5.17 5.43 608 6.95 310
21 5.15 5.11 609 6.96 309
22 5.14 4.7 611 6.93 310
23 5.13 4.44 611 6.94 309
23.5 5.12 4.23 612 6.94 309
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6/12/97
T D.O. SP pH ORP
depth (in) C Mg uS/cm mV
0 23.85 7.56 469 8.1 268
1 23.59 7.66 469 8.14 261
3 19.08 8.69 463 8.34 246
5 15.47 8.02 459 7.53 272
7 11.81 5.76 489 6.99 288
9 8.27 6.49 531 6.9 290
8 9.56 5.89 518 6.94 287
8.5 8.66 6.28 528 6.92 287
9 8.36 6.38 531 6.9 288
10 7.41 6.3 544 6.85 287
11 6.92 6.61 551 6.85 288
12 6.6 6.65 559 6.86 286
14 6.01 6.4 574 6.82 287
18 5.27 4.84 592 6.8 283
19 5.22 4.26 595 6.85 278
20 5.18 3.92 596 6.82 277
21 5.17 3.66 597 6.83 275
22 5.17 3.2 599 6.83 274
23 5.17 3.03 599 6.83 274
23.5 5.17 3.05 599 6.87 270
24 5.16 2.48 601 6.87 266
6/26/97_____
T D.O. SpC pH ORP
depth (m) C mg/l uS/cm mV
0 25.73 7.87 454 7.96 313
1 25.48 7.96 476 8.04 307
3 23.08 8.32 477 7.63 312
5 16.35 8.1 463 7.21 323
7 11.91 5.81 493 6.68 335
8 9.84 5.9 522 6.61 336
9 8.39 6.44 537 6.63 335
10 7.38 6.07 550 6.65 333
11 6.85 6.08 559 6.64 333
12 6.51 5.98 566 6.64 333
14 6.04 5.79 579 6.64 333
16 5.64 5.27 588 6.68 332
18 5.36 4.09 597 6.71 331
19 5.32 3.78 598 6.72 331
21 5.24 2.58 602 6.8 326
22 5.22 1.99 604 6.79 326
23 5.22 1.91 605 6.78 325
23.5 5.23 1.74 604 6.82 320
24 5.21 0.88 609 6.81 317
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7/24/97
T D.O. SpC pH ORP
depth (m) C mg/l uS/cm mV
0 24.4 8.13 505 8.34 -126
1 24.43 8.14 505 8.37 -81
3 24.42 8.1 504 8.37 -85
5 18.22 4.34 474 7 -103
7 11.64 3.29 512 6.5 -112
8 9.65 2.87 535 6.42 -121
9 8.52 2.26 545 6.37 -131
10 7.69 2.06 553 6.36 -136
11 7.25 2.01 558 6.43 -139
12 6.71 1.85 568 6.37 -140
13 6.34 1.54 575 6.44 -147
14 5.97 0.29 585 6.4 -187
15 5.72 0.13 593 6.42 -195
16 5.5 0.05 600 6.57 -210
18 5.39 0.04 607 6.61 -211
19 5.37 0.02 608 6.74 -218
20 5.34 0.02 610 6.73 -217
21 5.33 0.02 611 6.76 -218
22 5.36 0.02 611 6.77 -219
23 5.31 0.02 614 6.79 -220
NOTE: ORP malfunctioning
8/8/97
T D.O. SpC pH ORP
depth (m) C mg/ uS/cm mV
0 24.66 8.31 493 8.12 275
1 24.22 8.39 494 8.17 261
3 23.96 8.3 495 8.11 245
5 19.46 3.18 476 7.08 193
7 11.9 1.42 501 6.75 133
8 9.75 0.65 524 6.58 101
8.9 8.92 0.36 531 6.54 90
10 7.96 0.56 539 6.5 96
10 7.91 0.56 539 6.5 97
11 7.3 0.48 547 6.48 84
12 6.69 0.16 558 6.47 56
12.9 6.37 0.08 565 6.46 48
14 5.95 0.07 574 6.46 41
15 5.73 0.07 581 6.49 36
16 5.62 0.07 585 6.52 32
18 5.44 0.06 594 6.61 23
19 5.41 0.06 595 6.63 21
19 5.4 0.06 595 6.64 19
20 5.39 0.05 596 6.65 17
21 5.38 0.05 597 6.68 15
22 5.36 0.05 600 6.67 14
23 5.35 0.05 603 6.68 13
23.5 5.34 0.05 606 6.67 15
23.8 5.37 0.07 831 6.68 10
23.8 5.38 0.07 842 6.69 6
24 5.41 0.07 835 6.7 3
NOTE: ORP malfunctioning
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8/13/97
T D.O. SpC pH ORP
depth (m) C Mg/l uS/cm mV
0 24.47 7.63 489 8.26 305
1 24.48 7.23 491 8.27 288
3 24.46 7.85 490 8.22 282
5 20.25 2.68 477 7.21 291
7 11.85 0.39 498 6.66 298
8 10.04 0.11 512 6.52 268
9 8.73 0.15 525 6.5 235
10 8.06 0.18 531 6.49 193
11 7.55 0.55 535 6.5 194
12 6.92 0.6 546 6.49 188
13 6.29 0.09 559 6.49 179
14 5.91 0.07 571 6.52 176
15 5.66 0.06 576 6.58 170
16 5.56 0.04 580 6.61 165
18 5.44 0.04 585 6.68 163
19 5.41 0.04 588 6.7 162
20 5.38 0.04 590 6.72 161
21 5.37 0.04 591 6.73 160
22 5.36 0.03 592 6.74 160
23 5.39 0.06 592 6.72 166
23.5 5.35 0.03 594 6.72 162
23.2 5.36 0.04 592 6.73 161
NOTE: secchi depth = 2.4 m
ORP malfunctioning?
9/16/97
T D.O. SpC pH ORP
depth (m) C mg/l uS/cm mV
0 22.02 9.54 460 8.16 503
1 22.06 9.68 462 8.17 497
3 21.53 9 462 7.83 485
5 20.55 5.82 457 7.29 493
7 14.93 0.08 484 6.66 506
8 11.45 0.04 504 6.56 498
9 9.69 0.03 516 6.51 494
10 8.32 0.03 525 6.5 471
11 7.57 0.02 '531 6.49 453
11 7.5 0.03 532 6.48 449
15 5.92 0.02 561 6.57 372
15 5.91 0.02 561 6.58 354
16 5.79 0.02 565 6.62 274
19 5.52 0.01 576 6.73 246
20 5.47 0.01 579 6.77 340
20 5.46 0.01 579 6.78 325
21 5.43 0.01 582 6.78 317
22 5.42 0.01 585 6.79 324
23 5.42 0.01 585 6.9 315
23.7 5.42 0 586 7.11 306
24 5.42 0.01 587 7.12 303
24.2 5.41 0.01 629 8.35 205
NOTE: ORP malfunctioning?
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10/22/97
T D.O. SpC pH ORP
depth (m) C mg/l uS/cm mV
1 13.82 8.95 11.32 225
3 13.92 8.69 11.62 205
5 13.91 8.66 11.69 204
7 13.87 8.62 11.65 203
9 10.75 0.07 12.04 188
11 7.8 0 380 12.47 167
14 6.07 0 399 12.44 163
15 5.97 0 399 12.42 162
16 5.8 0 404 12.44 159
18 5.58 0 12.45 159
19 5.56 0 412 12.47 158
20 5.53 0 414 12.47 158
21 5.52 0 414 12.45 159
22 5.52 0 413 12.45 159
23.5 5.51 0 414 12.45 159
NOTE: 23.75 m got sediments
pH and ORP malfunctioning?
11/18/97
T D.O. SpC pH ORP
depth (m) C mg/i uS/cm mV
1 7.38 7.97 413 7.25 424
3 7.31 7.78 413 7.25 429
5 7.3 7.75 414 7.26 433
7 7.29 7.73 414 7.27 440
9 7.29 7.7 414 7.27 442
12 7.27 7.3 417 7.22 446
14 6.46 2.62 6.87 452
15 6.1 0.02 6.78 443
16 5.96 0 551 6.8 417
18 5.69 0 561 6.87 410
19 5.66 0 6.89 409
20 5.63 0 563 6.9 406
21 5.61 0 564 6.9 404
22 5.61 0 6.91 403
23 5.6 0 6.91 336
23.5 5.59 0 569 6.92 334
23.8 5.59 0 573 6.96 246
24 5.58 0 608 7.3 35
NOTE: 24 got sediments
pH and ORP malfunctioning?
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4/8/98
T D.O. SpC pH ORP
depth C mg/I uS/cm mV
1 9.31 11.74 464 7.02 544
2 9.31 11.72 465 7.69 545
3 9.3 11.73 465 7.72 545
4 8.75 11.4 462 7.68 545
5 8.47 11.23 463 7.64 545
7 6.53 11.01 451 7.49 546
9 5.39 10.92 451 7.38 548
11 4.71 10.64 462 7.32 549
13 4.45 10.66 473 7.32 550
15 4.27 10.47 496 7.3 551
17 4.21 10.28 517 7.29 552
19 4.16 9.8 539 7.26 554
21 4.15 9.4 544 7.24 555
23 4.14 9.07 548 7.23 555
24 4.14 8.97 549 7.23 555
inlet to lake,
1.5 9.45 11.3 479 7.52 520
aberjona into forebay
1 9.92 10.06 502 7.37 522
0.5 9.93 9.87 501 7.33 521
NOTES: calibration okay
6/17/98
T D.O. SpC pH ORP
depth C mg/i uS/cm mV
1 18.18 6.86 214 7.16 446
2 17.82 6.42 217 6.834 456
3 17.41 6.13 216 6.78 461
5 16.94 6.12 228 6.74 470
7 13.19 4.71 320 6.71 480
9 7.55 4.25 459 6.65 489
11 5.61 4.69 475 6.61 493
13 4.97 4.41 488 6.61 495
15 4.65 3.59 505 6.6 498
17 4.5 2.24 519 6.58 501
19 4.43 0.38 528 6.59 503
20 4.43 0.06 532 6.63 503
21 4.43 0.05 532 6.64 503
22 4.43 0.04 536 6.67 503
23 4.43 0.04 538 6.71 500
24 4.44 0.04 542 6.72 495
24.5 4.45 0.04 597 6.98 421
NOTE: sed/water interface at -24.4m
after a major storm. Maybe problem with d.o. also?
pH not calibrating well - calibration failed
eventually worked okay and values seem reasonable
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8/3/98
T D.O. SpC pH ORP
depth C mg/l uS/cm mV
1 24.63 10.6 339 7.84 294
3 24 6 338 7.18 322
5 16.81 0.3 230 6.47 333
7 12.01 0.31 332 6.41 330
9 7.86 3.04 455 6.42 337
11 5.92 4.49 469 6.43 341
13 5.17 4 484 6.42 345
15 4.73 1.23 505 6.4 348
17 4.61 0.25 517 6.43 350
19 4.56 0.13 528 6.52 348
20 4.54 0.13 532 6.55 345
21 4.54 0.11 534 6.58 344
22 4.55 0.08 536 6.6 342
23 4.55 0.08 541 6.64 334
23.5 4.55 0.07 543 6.66 320
23.75 4.55 0.06 546 6.68 288
24 4.56 0.06 548 6.69 254
NOTE: beginning
Fe(II) abs
at 21 or 22 m orangish color on filters, water clearly oranged
@ 23.75m definitely > than background by visual inspection
Fe(II) at 24.2 m was 0.09 to 0.11
did some background tests on water -- see field book
sediments ittermittently at 24.2 m
pH calib appears okay - but probe had not been repaired
9/14/98
T D.O. SpC pH ORP
depth C mg/l uS/cm mV
1 21.33 9.27 367 7.02 276
3 21.32 9.21 361 7.87 261
5 19.43 3.23 319 7.19 269
7 11.77 0.12 357 6.51 278
9 8.15 0.28 463 6.39 266
11 6.28 1.73 478 6.39 270
13 5.25 1.45 497 6.4 273
15 4.91 0.05 514 6.4
17 4.71 0 532 6.48 271
19 4.65 0 540 6.53 262
20 4.64 0 542 6.6 259
21 4.65 0 545 6.62 256
22 4.65 0 548 6.63 254
23 4.65 0 549 6.64 241
23.5 4.65 0 551 6.66 225
23.75 4.65 0.01 578 6.78 75
NOTE: pH calib appears okay - probe had not been repaired
pH values seem reasonable
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10/15/98
T D.O. SpC pH ORP
depth C mg/l uS/cm mV
1 14.79 8.83 286 7.39 237
3 14.78 8.51 287 7.4 240
5 14.79 8.46 287 7.39 241
7 14.52 6.47 294 7.17 247
9 8.71 0.22 440 6.93 257
11 6.7 0.07 462 6.97 249
13 5.69 0.07 480 6.99 238
15 5.04 0.04 497 7.04 210
17 4.8 0.04 512 7.15 211
19 4.73 0.03 521 7.2 213
20 4.71 0.04 526 7.25 214
21 4.72 0.04 530 7.28 216
22 4.72 0.03 532 7.3 217
23 4.72 0.02 536 7.32 218
23.5 4.73 0.02 537 7.33 216
23.75 4.73 0.03 538 7.33 198
24 4.73 0.02 539 7.34 169
24.2 4.74 0.02 576 7.44 54
NOTES: pH appears to have calibrated okay, but values seem incorrect
checked pH proble after returning to lab
- two different pH 7 standards read 6.93 and 6.98
air temp= 11.3
11/19/98
T D.O. SpC pH ORP
depth C mg/l uS/cm mV
1 9.11 10.91 326 7.17 468
5 8.16 10.5 327 7.36 487
9 8.14 10.32 331 7.34 486
11 7.63 2.26 403 6.86 488
13 5.75 0.09 464 6.46 497
15 5.08 0.06 484 6.46 471
17 4.92 0.05 492 6.49 462
19 4.82 0.05 503 6.55 458
20 4.82 0.05 505 6.56 456
21 4.81 0.04 509 6.58 454
22 4.81 0.04 511 6.58 328
23 4.82 0.03 514 6.55 215
23.5 4.81 0.03 519 6.62 149
23.75 4.81 0.04 518 6.66 121
NOTE: pH probe would not calibrate properly
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12/16/98
T D.O. SpC pH ORP
depth C Mg uS/cm mV
1 6.01 10.66 389 7.45 304
5 5.98 10.01 395 7.47 304
10 5.99 9.77 395 7.47 304
15 5.84 6.05 443 7.41 307
17 5.13 0.2 533 7.33 313
19 4.91 0.08 547 7.3 312
20 4.89 0.05 552 7.29 310
21 4.88 0.02 560 7.26 200
22 4.88 0.01 564 7.27 116
23 4.88 0.01 568 7.27 92
23.5 4.89 0 575 7.28 72
23.75 4.89 0 578 7.3 51
NOTES: just barely sediments at 23.75 m
pH probe would not calibrate properly; values seem incorrect
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3/30/99
T D.O. SpC pH ORP
depth C mg/ _ US/cm mV
1 6.49 11.94 735 7.14 198
3 6.46 11.89 743 7.29 188
5 6.37 11.88 745 7.3 187
7 6.16 11.8 747 7.3 186
8 6.06 11.73 750 7.28 185
10 5.23 11.52 761 7.21 186
12 5.15 11.49 763 7.2 186
15 4.34 11.06 792 7.12 188
17 4.05 10.46 826 7.05 188
20 3.93 10.05 856 6.98 189
22 3.87 9.61 872 6.98 190
24 3.85 9.45 877 6.99 190
River 9.57 11.36 609 7.26 277
NOTES: very windy
new pH probe installed at beginning of 1999 field season
(on 3/23/99)
7/7/99
T D.O. SpC pH ORP
depth C mg/l uS/cm mV
1 28.19 8.29 517 8.19 329
3 25.89 8.40 520 8.04 321
5 17.12 8.30 595 7.13 343
7 11.2 5.17 635 6.67 356
9 8.43 1.86 657 6.37 364
11 7.1 1.67 672 6.32 368
13 5.9 0.93 693 6.28 371
15 5.32 0.36 705 ?6.8 373
17 4.84 0.05 722 6.40 316
19 4.68 0.04 730 6.51 305
20 4.67 0.03 733 6.56 297
21 4.66 0.03 735 6.58 297
22 4.66 0.03 737 6.60 295
23 4.66 0.03 737 6.62 292
23.5 4.66 0.03 738 6.63 286
23.8 4.66 0.03 738 6.65 274
24 4.66 0.03 738 6.66 266
INUTL:
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sunny, windy; rained a lot previous day, none for weeks
prior
8/4/99
T D.O. SpC pH ORP
depth C mg/l uS/cm mV
1 26.78 9.07 542 8.78 192
3 26.73 9.19 557 8.76 209
5 19.81 4.10 634 6.72 278
7 11.95 1.62 708 6.23 287
9 8.90 0.16 733 6.08 289
11 6.84 0.09 757 6.05 285
13 6.00 0.07 777 6.04 278
15 5.24 0.06 795 6.09 262
17 4.96 0.05 806 6.18 261
19 4.82 0.04 812 6.22 266
20 4.82 0.04 813 6.26 269
21 4.77 0.03 816 6.30 271
22 4.75 0.03 819 6.33 272
23 4.75 0.03 823 6.35 268
23.3 4.75 821 6.45 234
NOTES: sunny; T - 80's; beginning around 9 AM
23.5 hit bottom
9/16/99
T D.O. SpC pH ORP
depth C mg/l uS/cm mV
1 22.84 8.30 448 8.02 364
5 21.51 1.20 503 6.97 374
7 14.55 0.16 716 6.47 376
9 9.67 0.10 753 6.35 350
11 7.37 0.08 778 6.26 329
13 6.18 0.07 803 6.25 329
15 5.29 0.06 827 6.31 328
17 5.05 0.06 837 6.38 322
19 4.92 0.06 843 6.42 320
20 4.91 0.06 844 6.45 320
21 4.89 0.05 846 6.46 321
22 4.89 0.05 848 6.47 316
23 4.89 0.04 848 6.49 267
23.5 4.88 0.04 848 6.49 265
23.75 4.88 0.04 849 6.49 260
NOTES: rainy; high water level in lake?
24 m sucked up sediments
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10/29/99
T D.O. SpC pH ORP
depth C mg/l uS/cm mV
1 11.86 10.53 422 7.11 306
5 11.60 9.76 432 6.97 305
7 11.61 9.66 433 6.85 309
8 11.50 9.35 437 6.79 312
9 11.16 7.67 473 6.67 316
11 7.88 0.60 768 6.26 326
13 6.55 0.16 804 6.13 322
15 5.62 0.08 830 6.17 312
17 5.22 0.06 844 6.23 306
19 5.04 0.04 854 6.28 304
20 5.04 0.04 854 6.30 301
21 5.03 0.03 855 6.30 297
NOTES: warm sunny day; bottles are labeled 10/19/99
little film on D.O. membrane; h-lab died after 21 m
11/18/99 _______ ___
S T D.O. SpC pH ORP
depth C mg/l uS/cm mV
1 7.92 9.58 501 6.49 357
5 7.91 9.40 504 6.97 357
9 7.90 9.28 508 6.91 362
11 7.81 9.20 503 6.84 363
13 6.80 1.90 739 6.56 372
15 5.69 0.35 832 6.31 375
17 5.27 0.08 849 6.32 349
19 5.14 0.07 856 6.35 345
20 5.11 0.05 859 6.34 209
21 5.10 0.05 866 6.37 159
22 5.09 0.05 874 6.43 125
23 5.09 0.04 874 6.48 110
23.5 5.09 0.04 878 6.52 99
23.75 5.08 0.03 881 6.58 84
NOTES: sediments at 24 m
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12/9/99
T D.O. SpC pH ORP
depth C mg/l uS/cm _ mV
1 6.69 9.90 478 6.86 286
11 6.58 9.55 477 6.89 291
13 6.54 9.30 477 6.88 292
15 6.06 0.50 660 6.67 301
17 5.40 0.07 783 6.38 304
19 5.21 0.05 795 6.35 222
20 5.17 0.04 802 6.40 156
21 5.15 0.03 811 6.48 121
22 5.15 0.03 816 6.57 99
23 5.15 0.03 819 6.64 80
23.5 5.15 0.03 822 6.67 70
23.75 5.15 0.03 828 6.74 45
INOTS %IV3 sunny, t ~t45, beginning a ei:4nAM2
intermittently sucked up sediments at 23.75
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II. Sulfate concentrations in Upper Mystic Lake - 1997
(analyzed by ion chromatography as described in Chapter 4)
NOTE: all concentrations in micromolar (piM)
Depth (m) 5/8/97 5/22/97 6/12/97 6/26/97 7/30/97 8/13/97
1 230 242 259 258 269 272
3 228 267 271
4 246
5 246 247 248 249
6 229
7 238 232 235
9 242 237 239
10 243
11 246 242
12 239 244
14 247 247 240
15 236 233
16 242 247 231 237
17 249
19 247 239 236 223 217
20 236 219 209
21 229 228 219 206
22 246 243 229 208 200
23 225 225 207 200
23.25 199
23.5 230 225 206 192
23.75 197
24 225 204
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III. Nitrite concentrations in Upper Mystic Lake
(analyzed as described in Chapter 4)
NOTE: all concentrations in micromolar (gM)
analyzed day of collection except where noted
depth (m) 8/4/99
1 1.5
3 1.6
5 1.2
7 4.0
9 3.1
11 0.0
13 0.7
15 2.2
17 2.6
19 3.0
20 3.1
21 3.3
22 4.3
23 4.5
23.3 4.8
depth (m) 8/3/98
1 3.1
3 4.1
5 3.6
7 0.5
9 0.8
11 2.2
13 0.1
15 0.3
17 2.6
19 2.2
20 2.0
21 2.0
22 1.4
23 1.9
23.5 1.1
23.75 1.2
24 0.8
24.2 1.4
depth (m)
1
5
7
9
11
13
15
17
19
20
21
22
23
23.5
23.75
9/16/99
1.4
3.0
4.2
2.4
0.1
0.1
2.4
3.3
3.8
3.7
3.4
2.6
2.4
2.2
2.6
depth (m) 6/17/98
1 1.6
3 1.6
5 1.7
7 2.5
9 0.9
11 0.3
13 0.2
15 0.7
17 0.7
19 1.0
21 1.1
24 1.0
24.4 1.0
24.4 dup 1.4
depth (m) 12/15/98
15 1.7
17 2.6
19 3.7
20 2.6
21 0.3
22 0.5
23 0.4
23.5 0.6
NOTES: used old rea
NOTE: analyzed two days after collection
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IV. Upper Mystic Lake bathymetric data
from Spliethoff (1995) (Areas determined by planimeter, volume by
Depth Area
m 10m5 M2
0 5.83
3 4.19
6 3.67
9 3.19
12 2.70
15 2.06
18 1.62
21 1.20
24* 0.70
trapezoidal rule)
depth interval Volume
m 106 M3
0-3 1.53
3-6 1.2
6-9 1.04
9-12 0.9
12-15 0.73
15 - 18 0.56
18-21 0.43
21-24 0.28
*obtained from Hemond (personal communication), also by planimeter
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